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Dependable Anodes 


Our ability to help meet the anode requirements of the electrolytic 
industry at this time is made possible by our entry into the field of 
anode manufacture several years ago. 


Making dependable anodes requires a high degree of technical com- 
petence—a competence we have gained through many years of 
experience in supplying the electrothermic industry with high quality 
electrodes. 


Our test and developmental laboratory at Niagara Falls, N.Y.—the 
extensive scientific facilities at Great Lakes Carbon Corporation's 
modern research laboratory at Morton Grove, Ill.—and our superbly 
designed and equipped plant at Morganton, N.C.—enable us to manu- 
facture anodes that stand the test of comparison. 


Plants at Niagara Falls, N.Y., and Morganton, 
Sales Offices at Niagara Falls, Chicago, 
Pittsburgh, Birmingham, Los Angeles and 
New York. 


N.C, 


ECTRODE DIVISION 


PRODUCTS OF GREAT LAKES CARBON CORPORATION 


Electrode Division 

Graphite electrodes and 
anodes. Graphite inserts, cast- 
ing beds and other specialties. 
Carbon Division 

Petroleum coke. Calcined 
petroleum coke. Industrial 
carbons. 


Dicalite Division 
Diatomaceous silica for filter- 
aids, fillers and insulating 
uses. 


Oil and Gas Division 
Crude petroleum and natural 
gas. 


Perlite Division 

Perlight aggregates and 
products for the building, oil, 
foundry and other industries. 
Perlite ore. 


Merchant Coke Plant 
Premium foundry and indus- 
trial coke. Coke co-products. 
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ACID ADDITION AGENT 


Stops fuming of acids — promotes better 
wetting — lowers drag-out — saves acid 


— less harm to operator — less corrosion 


on surrounding equipment — more uni- 
form pickling effective with sulphuric 
acid hot and cold — hydrochloric — 
phosphoric — hydrofluoric acids. 


A new cleaning and pickling agent com- 
bined—removes oil and rust at room tem- 
perature in One operation — prepares 
metals for painting — inhibits rusting — 
apply bY¥lipping or 


INHIBITOR 8 


A new complete inhibitor to stop attack _ 
on base steel — high inhibition in sul- 
phuric—hydrochloric—phosphoric acids 
—lowers surface tension—less drag-out 
—saves acid—reduces rusting after pick- 
ling — reduces fuming — bright pickling 
— makes pickling a more pleasant and 
healthful operation. 


COMPOUND NR-37 


Prevents rusting during drying but 
leaves no residue — added to hot or cold 
water it permits drying without rusting 
and leaves steel clean for painting — 
very effective for porous castings. 


ELM STREET. MEW RAVEN, connecticur 


Write for Check. List 
Sixty Products and Processes 
for Metal Finishing 
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Peace Can Be Won 


P AUL HOFFMAN’S important and timely monograph Peace Can 
Be Won deserves a wide audience. Its exciting account of the accomplishments of the 
Marshall Plan and the deliberate program it urges for waging the peace upon the 
military, economic, political, and information fronts makes common sense to thought- 
ful readers. Based upon a wealth of experience, Mr. Hoffman’s straightforward pro- 
posal has a quality of eloquence and sincerity. An investment of only one per cent of 
our national income should contribute effectively to the development of world pros- 
perity essential to winning the peace. 

The thesis that world peace depends upon helping war-torn and underdeveloped 
countries to help themselves is gaining wide acceptance. While costly to implement, it 
is trivial in comparison with the cost of war. Less well appreciated perhaps is the fact 
that the advantages of the free world, so familiar to its citizens, are relatively unknown 
to those large sections of the world’s population who are oppressed by Communist 
dictatorships or overwhelmed by life-long struggle to exist on their overcrowded in- 
fertile lands. 

We cannot win the minds and loyalties of men unless our way of life is presented in 
terms which these people can comprehend. As Mr. Hoffman points out, effort on the 
information front must be greatly expanded beyond mere radio broadcasting. First, 
we need to define a free world doctrine covering the religious, political, economic, and 
social fields and then contrive to get this doctrine presented in each country by its 
own nationals. As a major instrument of national policy, all information activities 
should be unified and placed under an Overseas Information Agency administered by 
an official of cabinet rank. 

The nature of the economic and technologie aid given to European countries, and 
lately to parts of southeast Asia, and the plans for the Point Four program should be 
of great interest to electrochemists. Industrial developments based upon the use of 
untapped natural resources and modernization of agricultural practices will be under- 
taken to improve the lot of vast populations. We have seen the contributions of the 
electroprocess industries to American life and can appreciate the assistance which in- 


dustrial electrochemistry and electrochemists can render. Our India Section, fully 
cognizant of these opportunities, will be an important channel for the flow of Western 
technology to the East. Thus may we aid in winning the peace! —RMB 
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The New and the Old! 


From extensive research . . . new materials, new methods and new 
improvements constantly advance the scope of electrochemistry at The 
Dow Chemical Company! Featured at the right is an old type, 3000 
ampere magnesium cell used extensively from 1919 to 1929 for com- 
mercial magnesium operation. And, above, is a modern line of 27 Dow 
magnesium cells. This big step in commercial production of magnesium 
was made possible by the steady revaluation of methods and advanced 
study of Dow electrochemists. 


The magnitude of modern Dow electrochemical operations can be best 
judged by the facet that over two billion, one hundred and ninety million 
kilowatt hours are consumed by the Dow magnesium cells shown above, 
the chlorine cells at Dow plants across the country and the other electro- 
chemical operations of Dow. 

The continued expansion of magnesium production is only one phase of 
the far-reaching electrochemical program of research and development 
by The Dow Chemical Company. In the future, as in the past, Dow 
will continue to devote its energies and resources toward better methods, 
better products . . . through electrochemistry. 


THE DOW CHEMICAL COMPANY 
MIDLAND, MICHIGAN 
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The Mechanism of the Inhibition of the Corrosion of [ron 
by Solutions of Sodium Orthophosphate'’ 


M. J. Pryor anp M. ConEen 


National Research Council, Ottawa, Canada 


ABSTRACT 


Decimolar solutions of sodium orthophosphate passivate iron at pH values above 


7.25 in the presence of air. When the solutions are deaerated the phosphate reacts with 
the iron forming Fe;(PO,)2-8H.O; potential-time and polarization curves indicate that 
this reaction is mainly under cathodic control. It is suggested that oxygen dissolved in 
solution is mainly responsible for passivity by virtue of its heterogeneous reaction with 
surface iron atoms to form y-Fe.Q; in a similar manner to which oxide films are formed 


in air. 


INTRODUCTION 


Since disodium and trisodium phosphates are two 
of the more widely used industrial inhibitors it is 
surprising to find so little fundamental research di- 
rected toward elucidating the mechanism by which 
they inhibit the corrosion of iron. 

Lochte and Paul (1) measured the potential of an 
abraded iron specimen exposed to a 0.1N solution 
of disodium phosphate, with the pH adjusted to 
7.0 + 0.2. In the presence of air, the specimen even- 
tually took up a potential in the region of +0.05 
volt, but when the solution was deaerated by si- 
multaneous boiling and bubbling of purified nitro- 
gen the potential recorded was —0.52 volt.? They 
concluded that in the presence of dissolved air “the 
specimen became inactive (passive) as a film of in- 
soluble ferric corrosion product forms.’’ More re- 
cently Mayne and Menter (2), using the alcoholic 
iodine method of Vernon, Wormwell, and Nurse (3), 
stripped films from originally film-free iron speci- 
mens passivated for two days in 0.1. disodium 
phosphate and 0.1L. trisodium phosphate contain- 
ing dissolved air. The films were examined by elec- 
tron diffraction, using the transmission method, and 
the results obtained suggested that the films pro- 
duced by the dibasic salt were composed of a mix- 
ture of y-Fe2O; and FePO,-2H,O (strengite), while 
those formed by the tribasic salt consisted mainly 
of y-Fe.O; with only a few spots due to the hydrated 
ferric phosphate: 

The purpose of the present research was to obtain 
information concerning the behavior of iron exposed 
to solutions of sodium phosphate both in the pres- 
ence and absence of air, so that a more complete 


‘Manuscript received November 22, 1950. This paper 
prepared for delivery before the Buffalo Meeting, October 
ll to 13, 1950. 

? All potentials given here are on the standard hydrogen 
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picture of the mechanism of inhibition of the corro- 
sion of iron by sodium phosphates could be obtained. 


EXPERIMENTAL 


Materials.—The iron was in the form of annealed 
sheet 0.02 em thick and had the following analysis: 
C—0.005%, Si—0.0075%, S—0.0138%, P—0.003%, 
Mn—0).007%, Ni—0.018%, Cr—0.02%, Cu— 
0.003%, O—0.12%, N—0.008%, H—0.00009%. 
Specimens cut from this sheet measured 2.5 x 0.5 
em unless otherwise stated. 

Mono-, di-, and trisodium phosphate and all other 
chemicals used were of C. P. quality. 


Preliminary Examination 


In order to determine the form of the neutraliza- 
tion curve an electrometric titration was carried out 
in which sodium hydroxide was titrated against 25 
ml 0.1.7 monosodium phosphate. The titration was 
performed under an atmosphere of nitrogen in order 
to prevent access of carbon dioxide. The pH values 
were measured by a glass electrode in conjunction 
with a calomel half-cell, the solutions being main- 
tained at 25° + 0.1°C by means of a water-bath. 
There is a marked change in pH corresponding to 
the formation of mono- and disodium phosphate but 
none corresponding to the predicted formation of 
trisodium phosphate (Fig. 1). 


Variation of Weight Loss with pH in the Presence of 
Dissolved Air 

A series of solutions having pH values ranging 
between 4.5 and 12.3 and with a constant (0.11) 
phosphate content was prepared by mixing 0.1. 
solutions of mono-, di-, or trisodium phosphate. 
The iron specimens were degreased with benzene, 
abraded with 3/0 emery paper, swabbed with ace- 
tone, dried, and weighed immediately before the 
beginning of the experiment. The specimens were 
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then fully exposed for 5 days to 5 ml of solution 
saturated with dissolved air and in free contact with 
the atmosphere. The tubes containing the specimens 
were placed in a constant temperature water-bath 
maintained at 25° + 0.05°C. At the end of the run 
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VOL. OF N SODIUM HYDROXIDE ADDED (ml) 
Fic. 1. Eleetrometrie titration of CO. free N NaOH 
against 25 ml of 0.1M NasHPO,. 
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pH 
Fic. 2. Curves relating weight loss per em? in 5 days to 
the pH of solutions of 0.1M phosphate content both in the 
presence and absence of dissolved air. 


20-sec 
exposure to 1:1 hydrochloric acid inhibited with 3 
per cent rodine. The specimens were then washed 
with water, immersed in 0.1. trisodium phosphate 
for 30 see to prevent corrosion, rewashed, swabbed 
with acetone and then benzene, dried, and finally 


the corrosion product was dissolved by a 
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reweighed. Exposure of a clean specimen to this 
treatment resulted in a weight loss of less than 0.05 
mg. The amount of corrosion was expressed as the 
weight loss per square em for the five-day perioa, 
The results (Fig. 2) show that, on freshly abraded 
specimens, passivity sets in at pH values above 7.25 
The corrosion product at pH values below 7.25 
appears to be made up of two constituents: a white 
nonadherent compound which constitutes the ma- 
jor part of the corrosion product and a crystalline 
compound which adheres firmly to the metal. 


Variation of Weight Loss with pH in Deaerated 
Solutions 
Experiments in the absence of air were carried out 
in the apparatus shown in Fig. 3, the deaeration 
being based on the very large decrease in gaseous 
solubility on freezing the solution. With the excep. 
tion of the removal of dissolved air, the procedure 


5) TO LIQUID AIR TRaP 
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JOINT 


LIMB 


LIMB B 


SPECIMEN 


SOLUTION 


Fic. 3. Apparatus for determining weight losses in de 
aerated solutions. 


was the same as in previous experiments in the 
presence of air. The specimen was contained in the 
limb A, and the solution in B. The deaeration con- 
sisted of five cycles in which the solution was first 
frozen with liquid nitrogen; the stopcock D was 
then opened to the vacuum system, at a pressure 
of 10° mm of mercury, and the system evacuated 
for 10 minutes; finally the stopcock D was closed 
and the frozen solution in B allowed to melt. During 
the fifth cycle, air was desorbed from the walls of 
ihe apparatus by gentle heating with a smoky flame. 
The solution was transferred into the limb A by 
rotating the limb B about the standard-taper joint 
C’; the apparatus was then removed from the vacuum 
line and placed in the water thermostat at 25° + 
0.05°C. The results, plotted in Fig. 2, 
once dissolved air is removed from the phosphate it 
no longer inhibits the corrosion of iron within the 
pH range under investigation. The corrosion prod- 
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erystalline deposit (Fig. 4) which adheres firmly to 
the metal. 


Variation of Weight Loss with Time in the Presence 
and Absence of Dissolved Air 


The variation of weight loss with time was de- 
termined in the presence and absence of air using the 
methods previously described. The investigation was 


Fic. 4. Tabular, crystalline corrosion product obtained 
by 5-day exposure to deaerated sodium phosphate at pH = 
7.0. Dark-field illumination. Magnification 
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Fie. 5. Curves relating weight loss/em? to time at pH = 
4.5 in the presence and absence of air. 


carried out at. pH ,values of 4.5 and 7.0 with a maxi- 
mum time of exposure of ten days. The results are 
shown in Fig. 5 and 6. The final pH values of the 
solutions were 5.98 and 7.05, respectively, in the 
presence of air and 5.92 and 7.14 in deaerated solu- 
tions. 


Potential Measurements in the Presence of Air 


The variation with time of the single electrode 
potential of freshly abraded iron specimens was de- 
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termined over a period of 5 days at different pH 
values within the range 4.5-12.3. The cell used is 
shown in Fig. 7. The specimen, with an area measur- 
ing 2.5 x 0.5 em exposed to 5 ml of the phosphate 
solution, was contained in limb A, and a chloridized 
silver wire partially immersed in 0.1N potassium 
chloride solution in B. The two limbs were connected 
by capillary tubing through the ungreased stopcock 
C which served to prevent free mixing of the two 
solutions. The potential difference could be measured 
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Fic. 6. Curves relating weight loss/em? to time at 
pH = 7.0 in the presence and absence of air. 
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Fig. 7. Cell for determining potentials in the presence 
of air. 


with the stopcock in the closed position provided a 
thin film of solution was present between the plug 
and the barrel. Since junction potentials between the 
two solutions were only of the order of a few mv 
they were neglected. The potential difference was 
recorded continuously over the five-day period of 
the experiments by means of a Leeds & Northrup 
Micromax recording potentiometer. The results, 
shown in Fig. 8, include one experiment in which 10 
ppm of potassium chloride were added to the phos- 
phate (pH = 12.3). 
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ph «12.3 + 1O0ppm Cl 


ELECTRODE POTENTIAL (VOLTS) 


-0.2 
-0.3 
-0.4 
-0.5 
° 20 40 60 80 100 120 
TIME, HOURS 


Fic. 8. Curves relating potential to time in the presence 
of air. 
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Potential Measurements in Deaerated Solutions 


The series of experiments described above was 
repeated in deaerated solutions. The apparatus (Fig. 
9) was similar to that used by Mayne, Menter, and 
Pryor (4) and involved the deaeration technique 
previously described. The freshly abraded iron speci- 
men, 2.5 x 0.5 em, was suspended from a platinum 
wire sealed into the wall of the reaction chamber R. A 
chloridized silver wire was also suspended from a 
similar platinum wire. Ten ppm of potassium chloride 
were added to all solutions under examination to 
permit the silver/silver chloride electrode to take 
up a steady potential characteristic of this concen- 
tration of chloride ions. During the five days’ dura- 
tion of the experiments the chloride ion concentra- 
tion of the solution remained unchanged. The second 
side-limb B was used only in certain subsequent 
experiments in which the original air-formed oxide 
was first destroyed by treatment with dilute de- 
aerated hydrochloric acid. After the experiment was 
completed the steady potential of the silver/silver 


LIMB B 
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chloride electrode was checked against a calomel | 


electrode and curves were plotted relating the single 
electrode potential of freshly abraded iron to time, 
at different pH values (Fig. 10). At pH 12.3 the 
original air-formed oxide film appeared to be more 
stable than at lower pH values. Consequently the 
film was first destroyed by treatment with deaerated 
0.04N hydrochloric acid in this experiment. 


The Effect of Surface Treatment 


An investigation into the effect of surface treat- 
ment of the iron on the form of the potential-time 
curves, in deaerated solutions of 0.1. disodium 
phosphate with 10 ppm potassium chloride (pH = 
8.5), was carried out. A similar apparatus and deaera- 
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tion technique to that described in the previous 
section was used. The five surface conditions in- 
vestigated were: 

1. The surface initially film-free. 

2. The surface freshly abraded with 3/0 emery 
paper. 

3. The surface abraded with 3/0 emery paper 
and exposed to dry air for 24 hours. 

4. The surface abraded with 3/0 emery paper and 
the specimen then dipped in 1:1 HCl for 30 see, 
washed, dried, and exposed to dry air for 24 hr. 

5. Surface electropolished in the perchloric acetic 
acid bath (5). 

The experimental method was slightly different 
from that previously described when the specimen 
was required in the initially film-free condition. In 
this case a degreased specimen was first exposed to 
deaerated 0.04N hydrochloric acid for 5 minutes in 
order to destroy the original air-formed oxide film 
by autoreduction (6). A modified form of reaction 
chamber R; was also employed (Fig. 9). At the end 
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of this period the acid was allowed to run into the 
sink S and was replaced in R, by the deaerated 
phosphate solution from A. The potential-time 
curves obtained are shown in Fig. 11. An electro- 
polished specimen exhibits a prolonged period of 
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Fic. 10. Curves relating potential to time in deaerated 
solutions. 
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Fic. 11. Curves relating potential to time in deaerated 
solutions. 1—Surface film-free, 2—surface freshly abraded 
with 3/0 emery, 3—surface abraded with 3/0 emery and 
exposed to dry air for 24 hours, 4—surface abraded with 
3/0 emery, specimen ‘dipped in 1:1 HCl for 30 sec, washed, 
dried, and exposed to dry air for 24 hours. 


metastable passivity. Breakdown was observed in 
one experiment after 4 days but in ‘another the film 
had not broken down after 3 weeks. The weight loss 
per em? in 5 days varied between 0.08 and 0.1 mg 
with the first four surface treatments but was much 
less with an electropolished specimen. 

In the presence of air the effect of electropolishing 
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is also pronounced. Electropolished specimens were 
passive above a pH value of 6.5 as compared with 
7.25 for freshly abraded specimens. 


The Determination of Polarization Curves 


Anodic and cathodic polarization curves were 
determined by applying small constant currents to 
two freshly abraded iron electrodes of standard size 
immersed in phosphate solution containing 10 ppm 
of potassium chloride. The current was provided by 
a 6-volt wet battery in conjunction with a high 
variable resistance, so that any change in resistance 
due to polarization of the electrodes would not 
materially alter the current flowing. The potentials 
of the electrodes were measured against a chlori- 
dized silver wire placed in the solution between the 
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Fic. 12. Anodie and cathodie polarization curves in the 
presence of air. 


two electrodes. Since extreme variation of the posi- 
tion of the standard electrode did not alter the po- 
tentials of the electrodes by more than 2 my, it was 
considered unnecessary to use tubuli. 

In the presence of air the electrodes were placed 
4 em apart in 25 ml of the phosphate solution con- 
taining 10 ppm of potassium chloride. Sufficient 
time was allowed for the original air-formed oxide 
film to break down before the smallest current was 
applied for a two minute period. The potentials of 
the anode and cathode were measured and the cur- 
rent then increased. Curves relating the potentials 
of both the anode and the cathode to the current 
density (Fig. 12) were determined at pH values of 
4.5, 6.0, and 7.0 in the presence of air. These curves 
are the continuation of those representing a corrod- 
ing specimen. 

Polarization curves in deaerated solution were de- 
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termined in the apparatus shown in Fig. 9. An auxili- 
ary iron electrode was suspended from a third plati- 
num contact sealed into the side of the reaction 
chamber FR. The two freshly abraded electrodes of 
standard size were suspended | em apart in 5 ml 
of deaerated phosphate solution containing 10 ppm 
of potassium chloride. As in experiments in the pres- 
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Fic. 13a. Anodic and cathodic polarization curves in 
deaerated solutions. 
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Fic. 136. Anodie and eathodie polarization curves in 
deaerated solutions. 


ence of air the potentials of the electrodes were 
measured against a chloridized silver wire suspended 
petween them. Curves relating the potential of 
the anode and the cathode to current. density (Fig. 
13a and 136) were determined at pH values of 4.5, 
6.0, 7.0, 8.5, 10.0, and 12.3 in deaerated solutions. 
In the experiment carried out at a pH value of 12.3 
the original air-formed oxide film was first destroyed 
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by five-minute treatment with deaerated 0.04.17 hy- 
drochlorie acid. 


Identification of Corrosion Products 


In deaerated 0.1. monosodium phosphated solu- 
tion (pH = 4.5) the corrosion product was a bluish- 
green crystalline deposit. This was scraped from the 
iron and analyzed chemically for phosphate using 
the 1, 2,4, aminonaphthol sulfonic acid molybdenum- 
blue method (7), for ferrous iron using the a-a’ 
dipyridyl method (8), and for total iron using the 
thioglycollic acid method (9). The compound had a 
constitution in accordance with the formula Fe 
(PO4)2-9H.O. An x-ray diffraction examination car- 
ried out on the precipitate gave spacings similar to 
those normally obtained from vivianite—Fe;(PO,).- 
8H.O (16). Since the water in the chemical analy- 
sis was obtained by difference it was concluded 
that the corrosion product was actually vivianite. 

In the presence of air at the same pH value, the 
corrosion product was made up of two constituents: 
a whitish nonadherent compound and a very small 
quantity of a crystalline compound adhering firmly 
to the metal. Chemical analysis of the nonadherent 
compound led to a formula FePOy-nH-O where 
was in the region of 30. An x-ray examination in- 
dicated that the compound was amorphous. The 
adherent corrosion product gave an x-ray pattern 
similar to that produced by vivianite. 


Miscellaneous Experiments 


The amount of corrosion of freshly abraded iron 
specimens of standard size caused by five-day ex- 
posure to deaerated distilled water (initial pH = 
5.9) was determined by the method previously de- 
scribed. The average total weight loss per em? in 
three experiments was 0.06 mg. 

Freshly abraded specimens of standard size were 
also exposed to deaerated 0.1N sodium tartrate solu- 
tion (pH = 9.0) for five days. The average weight 
loss per cm* in two experiments was 0.14 mg. When 
LO ppm of potassium chloride were added to the 
deaerated tartrate a freshly abraded iron specimen 
took up an equilibrium potential of —0.64 volt. 


DIsScUSSION 


The curve relating weight loss per em? to pH in 
the presence of air (Fig. 2) shows that freshly abraded 
iron specimens become passive in 0.14 phosphate 
solutions above a pH value of 7.25. When similar 
specimens are exposed to deaerated phosphate solu- 


tions they corrode, the rate of corrosion decreasing 
with a rise in pH. Thus it appears that if dissolved 
air is removed from passivating solutions within 
the pH range under examination they no longer 
inhibit the corrosion of iron. At pH values below 
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7.25 freshly abraded specimens corrode in the pres- 
ence of air. The initial rate of corrosion at pH = 
4.5is | mg cm? day, falling after 3 days to a constant 
value of 0.05 mg/cm?/day. At pH = 7.0 the initial 
rate is 0.64 mg em® day falling to zero after 36 
hours (Fig. 5 and 6). In deaerated solutions under 
otherwise similar conditions, the initial rates of cor- 
yosion at pH values of 4.5 and 7.0 are 0.56 and 0.26 
mg/cm’ day, respectively, but the decrease in rate 
with time is much less pronounced. Thus after five- 
day exposure at pH = 4.5 the corrosion rate is still 
32 per cent of the original value, and at pH = 7.0 is 
55 per cent of the original value. This affords an 
explanation of why the total corrosion in five days is 
higher in deaerated solutions than in the presence 
of air despite the fact. that the initial rate of corrosion 
is lower. 

The potential-time curves in the presence of air 
are shown in Fig. 8. General corrosion appears to be 
characterized by low potentials in the range —0.45 
to —0.55 volt and passivity by potentials in the 
range 0 to +0.2 volt; specimens at pH values of 7.1 
and 7.0 go completely passive after a certain period 
of corrosion, a conclusion supported by the results 
in Fig. 6. Specimens at pH values of 4.5 and 6.0 
show a marked increase in potential after approxi- 
mately two days, after which time variable potentials 
in the range of —0.2 to —0.35 volt, characteristic of 
local attack, are obtained. This coincides with the 
pronounced decrease in corrosion rate shown in 
Fig. 5. 

In deaerated solutions the potential-time curves 
all fell within the range of —0.5 to —0.65 volt, the 
potential becoming more negative with increasing 
pH. The form of these curves suggests that the cor- 
rosion is largely under cathodic control. Furthermore 
the potential is, in all cases, more negative than at 
similar pH values in the presence of air. These 
results suggest that oxygen dissolved in solution is 
primarily responsible for inhibition, a conclusion 
supported by the work of Mayne and Menter (2) 
who showed that the passivity films were largely 
composed of y-FesO;. It is believed that the oxygen 
becomes adsorbed on the surface of the iron and takes 
part in a heterogeneous reaction with surface iron 
ions resulting in the formation of a thin film of 
y-Fe.O;. It cannot be assumed that the hydrated 
ferric phosphate also detected in the passivity films 
does not contribute toward inhibition but since, 
by itself, it cannot stop corrosion, its contribution 
must be a secondary one. This point will, however, 
be discussed subsequently. 

The heterogeneous reaction leading to the forma- 
tion of a film of y-Fe.0,; must nevertheless be con- 
sidered as being opposed by an alternative reaction 
involving electrochemical corrosion. The cathodic 
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reaction is the evolution of hydrogen depolarized 
by the reduction of oxygen dissolved in solution 
according to an equation such as 


10. + 2H+ + 2 = HO. (I) 


Thus oxygen has a dual role, acting not only as an 
inhibitor but also as a depolarizer of the cathodic 
reaction of the alternative electrochemical corrosion. 
This depolarization explains the high initial rates of 
corrosion in the presence of air (Fig. 5 and 6) and 
also leads to slightly more positive potentials during 
corrosion in the presence of air than in deaerated 
solutions. The behavior of iron exposed to phosphate 
containing dissolved oxygen will depend on which of 
these reactions attains ascendency, and the principle 
factor determining this is the pH of the solution. 
The heterogeneous reaction 


2Fe + 202 = y-Fe.0; (II) 
should be independent of pH but the alternative 
electrochemical corrosion decreases in rate with a 

TABLE I 


Corrosion current density (vamp/cm?) 


pH 
In the presence of air In deaerated solutions 

4.5 40 23 

6.0 32 16 

7.0 25 10.5 

8.5 <0.1 1.2 

10.0 <0.1 0.5 
12.3 <0.1 0.25 


rise in pH. Polarization curves, which are continua- 
tions of the curves representing a corroding speci- 
men, were determined both in the presence (Fig. 
12) and absence (Fig. 13a and 13b) of dissolved 
oxygen. From the results shown in Fig. 2, 5, and 6 
the maximum corrosion current densities were esti- 
mated on the assumptions that, in all cases, iron 
first passed into solution in the ferrous condition 
and that the electrode reactions took place over the 
whole area of the specimens. The results are shown 
above in Table I. 

It can be seen that, at the corrosion current density 
particular to each pH value, the anodic polarization 
is very low while the cathodic polarization is ap- 
preciable. Thus when corrosion occurs freely, the 
initial stages at least are mainly under cathodic 
control. 

The cathodic reaction in deaerated solutions is the 
evolution of hydrogen. The corrosion current density, 
or the rate of corrosion in a freely conducting solu- 
tion, is the current intercept of the anodic and 
‘athodic polarization curves (10, 11) and depends 
on the relative slopes of these curves. As the pH of 
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the solution increases, the gradient of the cathodic 
polarization curves (Fig. 13a and 13b) becomes pro- 
gressively steeper. Consequently the current inter- 
cept or corrosion rate becomes progressively smaller 
as shown in Fig. 2. 

In the presence of air the slopes of the cathodic 
polarization curves do not change as rapidly with 
pH as in deaerated solutions (Fig. 12). Table II 
shows the relative proportions of the total corrosion 
currents devoted to (a) hydrogen evolution and 
(b) oxygen reduction at the cathode in the presence 
of air. The calculation was based on the assumptions 
that the anodic reactions, both in the presence and 
absence of air, take place at similar potentials and 
are only slightly polarized. 

It fellows, therefore, that the polarization of the 
reduction of dissolved oxygen is much less sensitive 
to a change in pH than the polarization of the evo- 
lution of hydrogen. Although the gradient of the 
sathodic polarization curves in the presence of air 
becomes progressively steeper with an increase in 
pH (Fig. 12), the change in gradient is less pro- 
nounced than in deaerated solutions and is insuffi- 


TABLE II 


Max current devoted Max current devoted Total corrosion cur- 


pH to He evolution to Oz reduction rent in the presence 
yamp/cm? yvamp/cm? of air wamp/cm? 

4.5 23 17 40 

6.0 16 16 32 

7.0 10.5 14.5 25 


cient to explain the large decrease in total corrosion 
between pH values of 4.5 and 7.0. 

When an abraded specimen is exposed to phos- 
phate containing dissolved air and within the pH 
range 4.5-7.0, anodic attack takes place initially 
at selected points of enhanced reactivity resulting 
either from lack of homogeneity of the metal or 
from the abrasion process. On a freshly abraded 
sepcimen the number of such areas is probably 
large with the result that the anodic current density 
is initially fairly low. However, y-FeeO;, formed by 
oxygen dissolved in solution, will reduce the anodic 
areas with the result that the anodic current density 
increases despite the fact that the over-all corrosion 
current decreases. There is some hydrated ferric 
phosphate occluded in the film of y-Fe,O;. This 
phosphate is more permeable to ferrous ions than 
the oxide and probably contributes to anodic polari- 
zation. It can be seen from Fig. 12 that at pH = 
7.0 this will result 
anodic polarization 


in a considerable increase in 
and consequently the rise in 
potential which was observed experimentally after 
10 hours (Fig. 8). It is significant to note that the 
corrosion rate also begins to fall after about 10 
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hours’ exposure (Fig. 6). If the film continues to 
grow, the anodic areas will contract to extremely 
small dimensions with the result that the anodic 
current density and, consequently, the anodic polari- 
zation become very high. Thus the specimen will go 
passive and the potential will rise sharply into the 
passive range. At the lower pH values, due to the 
fact that the anodic polarization curves do not rise 
as sharply with increasing anodic current density 
and that initial corrosion rates are higher, a com- 
pletely protective film is not built up and the mixed 
oxide-phosphate layer does not succeed in more than 
greatly reducing the rate of corrosion. 

The detection of hydrated ferric phosphate in 
passivity films by Mayne and Menter (2) demon- 
strates that a very small amount of corrosion must 
take place even during passivity, while the very 
high potentials recorded indicate that this corrosion 
is mainly under anodic control, as the progressive 
formation of a film of y-Fe.O3; reduces the anodic 
areas to very small dimensions. Fig. 12 shows that 
the slope of the anodic polarization curve in the 
presence of dissolved oxygen increases with a rise 
in pH. Thus, within the passive range, an increase 
in pH should result in a small rise in potential (Fig. 
8) since the cathodic polarization curve for the 
reduction of dissolved oxygen is little influenced 
by a change in pH (Table II). The initial rise in 
potential with time (Fig. 8), however, indicates that 
the rate of corrosion falls off rapidly with time and is 
practically zero after 24 hours, since after this period 
the potential-time curves are largely flat. Presum- 
ably a protective oxide film has been formed by this 
time. Furthermore, the addition of 10 ppm of po- 
tassium chloride to the phosphate at pH = 12.3, 
while still permitting passivity, lowers the potential 
by some 50-100 mv either by depolarizing the anodic 
reaction or by causing sporadic breakdown of the 
y-Fe.O; film. The detection of lepidocrocite in pas- 
sivity films formed in solutions of sodium hydroxide 
(4) and sodium nitrite (12) indicates that this mecha- 
nism is not confined to phosphates alone. 

Since corrosion is believed to originate at points 
of enhanced reactivity on the surface of the metal, it 
follows that surface condition of the metal must have 
an effect on its subsequent behavior. It can be seen 
that in deaerated solutions (Fig. 11) a film-free sur- 
face with a large area available for anodic attack 
attains an equilibrium potential very rapidly. Other 
specimens originally carried an oxide film of varying 
degrees of perfection and it was observed that the 
specimen with the most continuous film, i.e., elee- 


tropolished, remained in a state of metastable 


passivity for the greatest length of time. In the pres- 
ence of air, electropolished specimens became pas- 
sive at a lower pH than freshly abraded specimens. 
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Presumably the film formed by the electropolishing 
and subsequent exposure to air is so continuous 
that the anodic areas are extremely small and conse- 
quently the corrosion process is highly polarized 
anodically. Thus in order to define the boundary 
between corrosion and passivity it appears necessary 
to define not only the propertiés of the solution but 
also the surface condition of the metal. 

Since it is believed that oxygen dissolved in solu- 
tion is mainly responsible for passivity, the question 
of the more precise function of the phosphate arises. 
Accordingly the corrosion in deaerated solutions, 
which led to the formation of an adherent layer of 
crystalline ferrous phosphate, was compared with 
that produced by a deaerated 0.1N sodium tartrate 
solution in which the corrosion product is a soluble 
complex. At pH = 9.0 the corrosion in five days in 
the tartrate solution was 0.14 mg/cm? compared with 
0.09 mg/cm? at pH = 9.0 in the phosphate solution. 
An extrapolation to equal potentials similar to that 
used by Kabanov, Burnstein, and Frumkin (13) 
gives a total corrosion of 0.14 mg/cm? at —0.64 
volt in the tartrate solution compared with approxi- 
mately 0.03 mg cm? at —0.64 volt in the phosphate. 
Consequently it appears that there is less corrosion 
when the corrosion product is a crystalline solid 
than when it is a soluble complex. In the presence of 
air, however, a crystalline corrosion product ad- 
hering to the iron might well reduce the access of 
oxygen to anodic areas where its presence for pas- 
sivity is most required. 

Another factor to be borne in mind is the buffering 
action of the phosphate (Fig. 1). The dissociation 
constants of the different phosphate ions were de- 
termined by Abbott and Bray (14) as follows: 


H;PO, = H* + HPO,’ K, = 1.1 X 10° 
= Ht + HPO,” K. = 1.95 X 107 
HPO,” = H* + PO,” K; = 3.6 X 10-" 
At pH = 12.0, the theoretical pH at which tri- 
PO ur 

sodium phosphate should be formed, the ratio ra 
HPO, 


= 0.36. Thus a sharp break in the titration curve 
is not obtained at this pH value, a result in ac- 


cordance with previous work (15). At pH = 8.0 
PO 

the ratio of is 3.6 10°, yet the anodic 
HPO, 


product detected in the passivity films is hydrated 
ferric phosphate, probably formed by some reaction 
such as 


HPO,” + Fet*+*+ = FePO,; + H+ (III) 


ie., one leading to the formation of hydrogen ions. 
If, however, the solution is buffered at this pH value 
the pH at the anodes cannot fall appreciably and 
passivity will be maintained. 
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The mechanism of inhibition of the corrosion of 
iron by solutions of sodium phosphate may therefore 
be summarized as follows: 

The view is put forward that oxygen dissolved in 
solution is mainly responsible for the ability of so- 
dium phosphate solutions to inhibit the corrosion of 
iron in alkaline solution. It is considered that dis- 
solved oxygen is adsorbed on the surface of the iron 
and takes part in a heterogeneous reaction with 
surface iron atoms to form a thin film of y-FesO, 
in a manner similar to that in which oxide films are 
formed in air. Since the formation of a protective 
film of y-Fe.O; is not instantaneous, the initial 
stages of film formation are accompanied by very 
slow electrochemical attack which, on account of 
the very small size of the anodic areas, is mainly 
under anodic control, and leads to the formatiox of 
hydrated ferric phosphate. The corrosion ceases after 
approximately 24 hours when the oxide film becomes 
continuous and sufficiently thick to prevent the 
outward diffusion of irons ions. 

The mechanism is essentially similar to that sug- 
gested for sodium hydroxide by Mayne, Menter, 
and Pryor (4), for potassium chromate by Mayne 
and Pryor (17), and for sodium nitrite by Pyke and 
Cohen (18) except that in the two latter cases the 
chromate and nitrite ions are themselves oxidizing 
agents and can form protective films of y-FesOs in de- 
aerated solutions. 


SUMMARY 


In solutions of decimolar phosphate content con- 
taining dissolved air, freshly abraded iron becomes 
passive at pH values above 7.25 and exhibits po- 
tentials of the order of 0 to +0.2 volt on the standard 
hydrogen scale. If, however, the solutions are de- 
aerated, freshly abraded iron corrodes and exhibits 
negative potentials of the order of —0.50 to —0.65 
volt. The rate of corrosion decreases and the po- 
tential becomes more negative as the pH of the solu- 
tion increases. The shape of the potential-time curves 
and also polarization curves indicates that this elec- 
trochemical corrosion in deaerated solutions is largely 
under cathodic control. The view is put forward 
that oxygen dissolved in solution is mainly respon- 
sible for the ability of phosphate solutions to inhibit 
the corrosion of iron. It is considered that dissolved 
oxygen is adsorbed on the surface of the iron and 
takes part in a heterogeneous reaction with surface 
iron atoms to form a thin film of y-FesO ;. Since the 
formation of a protective film of y-FesO; is not 
instantaneous, the early stages of film formation are 
accompanied by very slow electrochemical attack 
which is mainly under anodic control. The corrosion 
ceases after approximately 24 hours when the film 
has become continuous and sufficiently thick to 
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prevent the outward diffusion of iron ions and the 
iron becomes truly passive. 
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ABSTRACT 


Test panels of a magnesium die casting alloy, A.S.T.M. designation AZ91, have been 
immersed in still and electrolytic baths of alkaline electrolytes at 90°C. Weight changes 
and the appearance of the treated panels were noted. The metal was not attacked by 
sodium hydroxide, sodium orthophosphate, and the more alkaline silicates, except when 
it was the anode. The magnesium ion sequesterers, tetrasodium pyrophosphate, Calgon, 
and Quadrafos caused marked weight losses. Attack of the metal occurred in all cases 


where it was used as the anode. 


Alkaline electrolytes comprise an important class 
of metal cleaners (1). They have the property of 
removing many types of dirt but they must be used 
under conditions which do not severely attack the 
basis metal. The chemical behavior of the latter de- 
termines the choice, as well as operating conditions 
for use of this class of cleaner. 

The standard oxidation-reduction potentials of hy- 
drogen and several metals in basic solution are given 
in Table I(2). These electrode reactions show the 
behavior of the metals with a common constituent of 
solutions of alkaline electrolytes, the hydroxyl ion. 

The electrode reaction for hydrogen can be sub- 
tracted from that of each of the metals to give the 
complete reaction. The reactions of the different 
metals with water and/or hydroxyl ions are given, 
with their potentials, in Table II. The potential 
data give no information as to the speeds of the 
reactions, i.e., the rates of corrosion. Thus, although 
the high potential favors the reaction of magnesium 
with water as written, the rate of the reaction be- 
comes very slow at pH values above about 10.5 
(3). The latter corresponds to the hydroxyl ion con- 
centration at which magnesium hydroxide precipi- 
tates from a dilute solution of magnesium ion (4). 

Silicates lower the pH at which the protective 
film forms. Britton (4) found that precipitation be- 
gan at pH 9.5 when employing a silicate correspond- 
ing to the ratio, NavO:2.16SiO., as titrant. Hassler 
(5) has studied the potentiometric behavior of 0.2.7 
Mg** ions titrated with sodium hydroxide and so- 
dium silicates of the following molecular ratios: 

Manuscript received January 22, 1951. This paper pre- 
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NavO:SiO., The mid- 
point in the precipitation plateau was found to 
occur at pH 9.9 with NaOH and at the lower values 
of 9.6, 9.1, and 84 for the silicates in the order 
given. 

Ferrous hydroxide precipitates at a pH of about 
5 and, like magnesium hydroxide, it does not dis- 
solve in alkaline solutions or react with excess hy- 
droxyl ions. Strongly alkaline electrolytes are em- 
ployed, accordingly, for cleaning magnesium and 
iron (1, 6). Aluminum, zine, and tin, on the other 
hand, react with excess hydroxyl ions to produce 
soluble reaction products, and severe corrosion may 
result to varying degrees when these metals are 
treated with alkaline cleaners at high pH values 
(7). 

The anion of the alkaline electrolyte hydrolyzes 
and gives rise to the equilibrium hydrogen ion con- 
centration of solutions of alkaline cleaners. The 
anion, also, may effect the corrosion rate by reacting 
with the metal. The rate of reaction of magnesium 
with water is independent of the hydrogen ion in the 
pH range 5 to 10 (8). However, if a pyrophosphate is 
present under these conditions, the reaction is ae- 
celerated and serious pitting of the metal results 
(9). The corrosion presumably is accelerated by the 
formation of a complex ion (10)*: 


Mgt+ + 4P,0°7 = Mg(P.0;)".. 


* The precipitate which was formed on mixing standard 
solutions of magnesium chloride and tetrasodium pyro- 
phosphate dissolved in an excess of the latter. The formula, 
Mg(P20;)'4 , was deduced from the fact that four moles of 
the pyrophosphate were required to complex one mole of 
magnesium chloride. This evidence is, of course, not to be 
construed as final proof of the formula. 
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On the other hand, the anion of the alkaline 
electrolyte may play a protective role and retard 
alkali corrosion. An outstanding example of this is 
encountered in the alkaline cleaning of aluminum 
where the presence of silicates clearly eliminates 
alkali corrosion (7). Silicates and aluminates of so- 
dium are soluble but a precipitate is formed when 
they are mixed (11). It is tempting to correlate the 
protective action of silicates on aluminum with their 
ability to convert a soluble corrosion product, alu- 
minate ion, into a precipitate. Simple compound 
formation between the detergent anions and alu- 
minum is improbable in strongly alkaline solutions 


TABLE I. Standard oxidation-reduction potentials at 25°C* 


Mg + 20H” = Mg(OH): + — 2.67 v 


Al + 40H- = + 4+ — 2.35 v 
Zn + 40H- = + + 2e — 1.216 v 
H. + = 2H.O + 2e- — 0.828 v 

Fe + 20H~ = Fe(OH). + 2e — O.S877 v 

Sn + 30H- = HSnOG + + — 0.79 v 


* Dr. Newton W. McCready has calculated the potentials 
at 90°C, the temperature of the present experiments, in the 
cases where enough data were available. His results are 
given below. When used to calculate complete reactions, 
these data yield valfes which do not differ markedly from 
those in Table II for 25°C. 

dE/dT E at 90°C 
—0.00088 —2.73 
—(0).00235 —2.50 
—(0.00237 —0.982 
—0.00106 —0.946 


Mg + 20H” = Mg(OH). + 2¢e 

Al + 4OH- = AlO; + 2H.0 + 
H, + 20H 2H.O + 2e- 

Fe + 20H Fe(OH)». + 2e¢ 


TABLE IL. Reactions of metals in alkaline solution at 25°C 
Mg + 2H.O = Mg(OH)s + — 1.842 v 

2Al + 20H” + = 2HLAIOG + 3He — 1.522 v 

Zn + 20H ZnO, + Hy — 0.388 v 

Fe + 2H.0 Fe(OH). + Hy. — 0.049 v 

Sn + OH” + H.O = + Hy + 0.088 v 


because salts of this metal are soluble in strong 
bases. 

Electrolytic cleaning introduces additional prob- 
lems. For example, it has been shown that silicates 
can be used safely only under controlled conditions 
for the anodic cleaning of zine (12). 

The present work consisted of a study of the effect 
of various alkaline electrolytes on a magnesium alloy 
of the die castings class. Weight changes experienced 
by the metal in both immersion and electrolytic 
baths of different composition were determined. 


MATERIALS 


The magnesium die casting alloy was furnished 
by the Dow Chemical Company and was the 
A.S.T.M. designation AZ91. This alloy has a com- 
position, in addition to magnesium, of 8.3% to 
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9.7% aluminum; 0.4% to 1.0% zine; a minimum of 
0.13% manganese; and maxima of 0.5% silicon, 
0.10% copper, and 0.03% nickel. The dull casting 
skin and all but the deeper cracks were removed by 
hand lapping with various grades of emery cloth, 
Touching the metal resulted in finger marks and 
made necessary the reconditioning of the surface. 
The activity of the metal was tested by placing 
shavings of it in water at various temperatures, 
Only slight evolution of gas was noted but the 
water acquired an alkaline reaction to litmus in al] 
“aSes. 

Sodium hydroxide, trisodium orthophosphate, te- 
trasodium pyrophosphate, crushed Calgon, Quadra- 
fos, and several sodium silicates were used as clean- 
ers. The latter were commercial products of known 
characteristics shown in Table III. The samples of 
Quadrafos and Calgon were obtained from Rumford 


TABLE IIL. Composition of sodium silicates 


Na2O: SiOz ratio 
NaxO SiO. Trade 


Compound 
designation 


Molec- 


ular 
Sodium sesquisili- 

cate... ... 86.9 24.0 38.6 1:0.65 3:2 
Sodium metasili- 


Metso 99 


cate pentrahy- 

drate. . Metso 
Granular 

Solution of disili- 


cate 18.0 36.0 46.01:2 1:2.06 
Solution of sili- 
cious silicate 8.9/28.7 62.4/1:3.22 1:3.32 


Chemical Works and Calgon, Inc., respectively. The 
other compounds were J. T. Baker “*Analyzed”’ grade. 


IMMERSION TESTS 


The immersion apparatus consisted of a tall French 
beaker of one liter capacity in which was placed a 
50 ml beaker. The small beaker served as a support 
for the panel preventing it from falling flat. A ther- 
mometer was inserted and the system was closed 
loosely with a watch glass. 

The dimensions of the panels were 2.5 x 7 x 03 
em. The ratio of metal area to solution volume was 
1.5 square decimeters to | liter as recommended in 
the A.S.T.M. procedure (13). The experiments were 
conducted at 90°C without stirring unless indicated 
otherwise. After removal from the immersion baths, 
the panels were rinsed by dipping in distilled water, 
blotted with filter paper, dried, and weighed. 

The changes in weight which occurred on immet- 
sion of the panels for 60 minutes in water and in 
solutions of various alkaline electrolytes are given 
in Table IV. 
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Electrode Behavior 


Panels of the alloy were used as electrodes in 
water and in solutions of various alkaline electro- 
lytes. The electrodes were placed 2.5 cm apart using 
a ratio of metal area to solution volume of 1.5 square 
decimeters per liter. 

Data are given in Table V which illustrate the 
behavior of the magnesium alloy when polarized as 
cathode and as anode in various baths. The elec- 
trodes were weighed before use. After electrolysis 
they were rinsed, blotted dry with filter paper, and 
weighed. The anodes were scoured lightly with num- 
ber 180 emery cloth prior to weighing. 


TABLE IV. Behavior of alloy in various aqueous systems 
at 90°C 
Weight changes in still baths 


Immersion time—60 min; panel area—40 cm 


Weight change, 


System grams Final pH 

Distilled water... +0 .0009 8.3 
Tap water +0.0104 8.7 
Metasilicate, 0.885°7, NasO* +0 .0003 
0.7% NaOH’... +0 .0003 
N (Silicate), 0.885°, Na.O. . +0.0012 
N (Silicate), 0.582, NasO. . +0.0055 
3% NasPO,- +0. 0002 
3% NasCOs. +0.0009 
3% —0.0960 
3% Quadrafos. . . —0.0831 
3% Calgon —0.1704 
2.9% NasP207-10H20, 0.1% 

metasilicate. . .. —0.0463 
2.5% 0.5% 

metasilicate —0.0005 
0.6% NagP2O7-10H.O, 2.4°% 

metasilicate +0.0006 


* These solutions had the same pH. 


Anodic Polarization 
Severe attack occurred when the metal was used 
as anode. This was manifest by discoloration and 
the eroded spongy appearance of the electrode. Pro- 
truding, silicious deposits were formed with the more 
silicious silicates, C and N. Pyrophosphate caused 
erosion and severe darkening. 


Cathodic Polarization 


The metal retained essential constancy of weight 
as cathode except when the sequestering agent was 
present. No visible change was produced in the 
cathode when strongly alkaline cleaners were em- 
ployed. Sodium hydroxide, sodium orthosilicate, so- 
dium sesquisilicate, and sodium metasilicate were 
investigated. The more silicious silicates caused dark- 
ening at the water line. Pyrophosphate alone caused 
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severe darkening but, when mixed with metasilicate, 
the attack was eliminated. 
Current Reversal 


In electrolytic cleaning the work sometimes is 
given a brief anodic treatment after the cathodic 


TABLE V. Weight loss of magnesium alloy at 90°C during 
anodic and cathodic polarization in electrolytic baths 
of alkaline detergents. 


Electrode area—30 cm*; 
weight changes—grams 


Current 
System density Time 
amp dm? Anode 
after Cathode 
scouring 
min 
Metasilicate, 0.885; 

0.4 10 —0.003 0.000 
Metasilicate, 1.770°; 

Na.O. 0.4 10 — 0.000 
C, 0.885% NasO 0.4 10 —0.01 0.000 
N, 0.885% NasO 0.4 10 —().013 0.000 
N, 1.770% NasO 0.4 10 — 0.001 
Metasilicate, 0.885°; 

Nad 2 5 — 0.000 
3°> Pyrophosphate 0.4 5 —0.014 
3°) Pyrophosphate 2 5 — —0.008 
3° Total (20° pyro- 

phosphate, 80°; 

metasilicate) . 5 0.000 
3° Total (20° pyro- 

phosphate, 80°; 

metasilicate) 4 5 - 0.000 


TABLE VI. Current reversal with magnesium alloy at 90°C 
Electrode area—30 em? 

Time 

Bath Current density re- 


Appearance of panel 
versed 


Metasilicate, 
0.885°7, NavO 1 amp/dm? 30> Darkened consid- 
erably 
Metasilicate, 
0.885°) NasO 10 Slight but notice- 
able darkening 
Metasilicate, 
0.885°% 4 amp/dm? 10 Darkened slightly 
more than at 1 
amp/dm? 
Sesquisilicate, 
0.885°) Na,O lamp/dm? | 30 Darkened consid- 
erably 


cleaning (1). To test the effect with the magnesium 
alloy, panels were polarized as cathode for 5 minutes 
and then as anode for the time indicated in Table 
VI. They were weighed before and after treatment 
but the weight change was found to be small. The 
temperature was 90°C. 
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SUMMARY 


1. Test panels of a magnesium die casting alloy 
have been immersed in both still and electrolytic 
baths of alkaline electrolytes at a temperature of 
90°C. 

2. Sodium hydroxide, trisodium orthophosphate, 
tetrasodium pyrophosphate, crushed Calgon, Quad- 
rafos, and several sodium silicates were used as the 
electrolytes. 

3. Weight changes and the appearance of the 
treated panels were noted. 

1. The metal was not attacked by sodium hy- 
droxide, sodium orthophosphate, and the more alka- 
line silicates, except when it was the anode. 

5. The magnesium ion sequesterers, tetrasodium 
pyrophosphate, Calgon, and Quadrafos caused 
marked weight losses. 

6. Pyrophosphate alone caused severe darkening 
and loss of metal, but when mixed with metasilicate 
the attack was eliminated. 

7. Severe attack of the metal occurred in all 
systems where it was used as anode. 
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Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1952 issue of the 
JOURNAL. 
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ISsion 
io The Dissolution of Magnesium in Hydrochloric Acid’ 
B. anp W. 
3). 
rence Lehigh University, Bethlehem, Pennsylvania 
Mae 
295 ABSTRACT 
The dissolution of magnesium in hydrochloric acid has been studied by measuring 
dissolution rates and electrode potentials as functions of acid concentration, rate of 
Penn- agitation, temperature, external polarization, alloy composition, and additions to the 
acid solution. 
‘hem. The dissolution rate measurements offer evidence in favor of a diffusion controlled 
. 31. reaction. By studying the dissolution process at acid concentrations up to 1.6N it has 
been possible to evaluate the stirring effect of the hydrogen bubbles which are evolved. 
The changes in the electrode potential with the acid concentration have been shown 
"hem.. to depend on a deposition of low overvoltage impurities (Fe, Cu, Mn, ete.) on the sur- 
face of the metal. When this condition is taken into account, the observed electrode po- 
tentials are readily explained in terms of the electrochemical theory of corrosion. 
work The effect of external polarization (anodic and cathodic) in reducing local action has 
been related to the effect of the applied emf on the rate of transfer of hydrogen ions to 
. 403, the surface of the metal by diffusion and migration. 
The results are in accord with the view that the dissolution of metals is eleetrochem- 
_ Am. ical in nature, even in cases such as the dissolution of magnesium in hydrochloric acid 


where stationary local cells are absent, and the dissolution rate is diffusion controlled. 


INTRODUCTION 


solution rates of magnesium in dilute solutions of 


When magnesium is immersed in aqueous solu- acid 
tions hydrogen is evolved in quantities corresponding ased on Bronsted's theory of generalized acids, 


to the amount of metal dissolved. Oxygen does not 
appear to play a major role, with a possible exception 
in strongly alkaline solutions. The corrosion process 
thus consists of the cathodic evolution of hydrogen 
and the anodie dissolution of magnesium until the 
pH at the solution-metal interface rises to a point 
where Mg(OH)» is precipitated (1, 2). 

In neutral and alkaline solutions the magnesium 
surface is covered by films of magnesium hydroxide 
which protect the metal against the corrosive attack. 
In acids, however, the protective films are destroyed 
and rapid attack ensues. Because of the strongly 
electronegative character of magnesium, the poten- 
tial difference between metal and solution is suffi- 
ciently high to overcome the overvoltage for hydro- 
gen discharge on magnesium. Thus, hydrogen is 
freely evolved without the aid of low overvoltage 
imprrities which have been found to have little or 
noi ‘ence on the dissolution rate (3). 

‘patrick and co-workers (4, 5) measured dis- 

‘Manuscript received October 17, 1950. This paper, pre- 
pared for delivery before the Detroit Meeting, October 9 
to 12, 1951, is based on a thesis presented to the faculty of 
the Graduate School of Lehigh University, Bethlehem, 
Pennsylvania, by Bernt Roald in partial fulfillment of the 
requirements for the degree of Doctor of Philosophy. 

* Present address: Norwegian Defense Research Estab- 
lishment, Lillestrom, Norway. 


* Present address: American Electro Metal Corporation, 
Yonkers, New York. 
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they concluded that the rate-controlling step was a 
slow chemical reaction between the metal and the 
acid. In particular, they claimed that the metal can 
react with undissociated acid molecules as well as 
with hydrogen ions. In contrast to this belief, King 
and co-workers (6, 7, 8) stated that the dissolution 
rate is controlled by diffusion and supported this 
theory by a series of careful investigations which 
gave results in good agreement with the following 
criteria of diffusion controlled reactions: 

1. Different solids dissolve at nearly the same 
rate in the same reagent under the same conditions. 

2. The stirring rate has a very large influence on 
the observed dissolution rates. 

3. The dissolution rate is nearly inversely pro- 
portional to the viscosity of the solution. 

4. The rates observed with different acids follow, 
in general, the diffusion coefficients of the acids 
rather than their acid strength. 

5. The temperature coefficient is usually between 
1.1 and 1.5 per 10°C rise, whereas chemical reactions 
seldom have temperature coefficients below 2. 

The electrode potential of magnesium in acids 
becomes more anodic with increasing acid concentra- 
tion to a maximum of —1.6 to —1.7 v on the hydro- 
gen scale (9-11). At higher concentrations it remains 
fairly constant in the case of strong acids, while in 
weak acids the trend is reversed and the potential 
becomes more cathodic. Agitation of the solution 


; 
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shifts the potential to a value corresponding to a 
higher acid concentration (10, 12). 

Gatty and Spooner (1) concluded that the surface 
of the metal is covered with a “hydride film” which 
is the site of the hydrogen discharge, while the emis- 
sion of metal ions into solution takes place through 


“pores” in this film. According to these authors the 
local anodes will be strongly polarized and the elec- 
trode potential thus determined by the potential of 
the cathodic areas (the “hydride film’’). Assuming 
concentration polarization to be negligible, they con- 
cluded that the electrode potential will be negative 
to the hydrogen electrode in the solution considered 
by an overvoltage corresponding to the cathodic 
current density. 

Coates (9) has pointed out that an overvoltage 
of 1.65 v, corresponding to the measured potentials 
of magnesium in acid solutions, is 0.4 v greater than 
has been observed for any other metal. This dis- 
crepancy is removed, however, when concentration 
polarization, which is a necessary consequence of the 
diffusion control theory, is taken into account. Coates 
considered that the hydrogen ions in the immediate 
vicinity of the surface of the metal are depleted to 
a point where a transitory formation of magnesium 
hydroxide may take place*. When the corresponding 
concentration polarization is subtracted from the 
observed potential of about 1.65 v, the hydrogen 
overvoltage appears to be of the order of 1 v, a 
value which is quite resonable and comparable with 
those of other noncatalytically active metals. 

Thus, the dissolution of magnesium in hydro- 
chlorie acid appears to be a diffusion controlled 
reaction. The electrode potential is determined by 
the potential of the cathodic areas, and is probably 
the sum of the hydrogen overvoltage corresponding 
to the cathodic current density and a concentration 
polarization term corresponding to the decrease in 
hydrogen ion concentration in the vicinity of the 
surface of the metal. No explanation has been given 
for the variations in electrode potential with the acid 
concentration. 

Most of the previous investigators have regarded 
the dissolution process as a chemical rate process 
without taking the electrochemical aspect into con- 
sideration. For this reason data on electrode po- 
tentials and external polarization are scarce and 
inconclusive. Most of the earlier studies have been 
made in acids of low concentrations (below 0.1.NV) 
and the observed rates have been reported in terms 
of a rate constant 4, computed by means of the 
equation 

2.3V 


k= log 


Al c (I) 


*Mg(OH), is precipitated at a pH of 10.5 (13). 
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where V is the volume of acid, A the exposed surface 
area, ¢ the time, and co and ¢ the concentration 
before and after the run. Equation (I) is derived 
by integration of the rate equation for a first order 
chemical reaction 

kAe (II) 
where dn dt is the dissolution rate in an acid of 
concentration c. The rates computed by means of 
equation (1) thus represent mean dissolution rates for 
rather wide ranges of acid concentration. 

In the present study the dissolution of pure mag- 
nesium in hydrochloric acid has been studied by 
measuring dissolution rates and electrode potentials 
as functions of acid concentration, temperature, and 
agitation. With these results as a basis for compari- 
son, the effects of different alloy compositions and 
additions to the acid solution have been studied. 
Finally, the effect of external polarization on the 
dissolution rate has been measured. 


TABLE I. Spectroscopic analysis of the magnesium alloys 


Al 0.01 6.2 0.011 0.002 
Be 0.035 
Cd <0.01 <0.01 
Ca <0.01 <0.01 
Cu 0.017 <0.01 0.003 <0.001 
Fe <0.001 <0.001 0.03 <0.001 
Mn 0.002 0.27 0.08 0.002 
Ni <0.001 <0.001 <0.001 <0.001 
Pb <0.002 <0.001 <0.002 0.001 
si <0.001 <0.01 0.001 0.01 
Sn <0.001 <0.001 <0.001 <0.001 
Zn <0.01 0.70 <0.01 <0.01 


EXPERIMENTAL 


Materials —The compositions of the magnesium 
alloys used in this study, as determined by spectro- 
scopic analysis, are given in Table I. The beryl- 
lium-settled metal is commercial magnesium (‘‘cell 
magnesium’’) which has been purified by beryllium- 
settling. The distilled magnesium is of the highest 
purity currently available. 

The specimens of the J-1 alloy were heated at 
410°C for 24 hours and quenched in water in order 
to put the aluminum and the zinc into solid solution. 
The manganese remained as a separate phase. The 
other alloys were used in the as-extruded condition, 
except for one batch of specimens of the beryllium- 
settled magnesium which was heated at 610°C for 
15 hours and quenched in water. Aside from insuring 
a homogeneous solid solution, this treatment re- 
sulted in considerable grain growth, to an average 
grain diameter of about 1 mm. 
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The hydrochloric acid used was C.P. reagent grade 
with a content of heavy metals (as Pb) of 0.00005 
per cent. The iron content was 0.00001 per cent. 

Experimental details —The test specimens were 
cylindrical bars, 11 mm diameter, which were ma- 
chined from extruded bars. The bars were covered 
with a plastic coating®, leaving 3to4em (correspond- 
ing to 10 to 15 em*) of the cylindrical surface exposed 
to the acid. The specimens were rotated by a syn- 
chronous motor with adjustable gears to insure con- 
stant and reproducible agitation. The rotating speci- 
men cduld be lowered into or lifted out of the acid 
bath. To minimize changes in acid concentration 
four liters of solution were used in each run. This 
volume has the additional advantage of reducing 
unavoidable temperature increase during runs at 
higher acid concentrations. The temperature of each 
run Was maintained constant within + 0.05°C. 

Electrical contact to the specimen for potential 
measurements and for external polarization was 
made by means of a mercury contact. The electrode 
potentials were measured with a Leeds & Northrup 
type K potentiometer against a 0.1N calomel cell, 
using a salt bridge of saturated potassium chloride 
to minimize the liquid-junction potential. 

In the experiments’ with external polarization an 
emf from a d-c generator was applied to the speci- 
men, using a platinum wire as an auxiliary electrode. 
The platinum wire was bent to form a cirele of 15 
cm diameter and mounted inside the beaker. This 
arrangement insures a reasonably uniform current 
density on the exposed surface. The current was 
adjusted by means of a variable series resistance, 
and was measured with a Weston multi-range am- 
meter. 

The specimens were cleaned by immersion in 5 
per cent hydrochloric acid and immediately washed 
with distilled water. They were then dried in an 
electric oven at 110°C and cooled in a desiccator 
before weighing. This pretreatment produces per- 
fectly clean, mirror-bright surfaces, and when the 
specimens were immersed in the acids there was no 
delay in the evolution of hydrogen. With specimens 
that had been exposed to the atmosphere for any 
considerable length of time the evolution of hydrogen 
was markedly delayed, particularly in the weaker 
acids, and a nonuniform attack developed. 


’ Dekadhese—a laboratory cement made by Technical 
Specialties Company, Malden, Massachusetts, under license 
from Decker Laboratories Inc. This material dries rapidly 
to form a tough, impermeable coating which is very re- 
sistant to strong acids and alkalies. The coating adheres 
well without peeling at edges, provided the magnesium 
base is properly cleaned before application. The coating 
shows no change in weight during dissolution tests and 
drying operations, and does not have to be removed for 
Weighing. 
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The time of immersion varied from 15 or 20 
minutes at the lower acid concentrations to 1.5 or 1 
minute at concentrations above IN. The short im- 
mersion times were necessary in order to keep the 
changes in acid concentration at a minimum. At 
higher acid concentrations the decrease in diameter 
as dissolution proceeds, as well as the temperature 
increase of the solution, become appreciable. At the 
end of a run the specimen was pulled from the 
solution and immediately washed with distilled water 
while still rotating. Following drying and weighing, 
the area of the exposed surface was carefully meas- 
ured and the dissolution rate in mg/em?/min was 
evaluated. 

Reproducibility.—The dissolution rates were gen- 
erally reproducible within +3 per cent®. At rates of 
agitation below 947 rpm the scatter in the observed 
rates of dissolution was 10 per cent, apparently 
because of anomalies in the dissolution process at low 
rates of agitation. With no agitation the reproduci- 
bility was normal. In the experiments with external 
polarization the scatter in the data were somewhat 
higher than normal because of difficulties in main- 
taining accurate control of the polarizing current. 

The electrode potentials were generally reproduci- 
ble within +10 mv. At rates of agitation below 
947 rpm (including no agitation) the reproducibility 
was poor in acids of concentration less than 0.1N. 


EXPERIMENTAL RESULTS 
Dissolution Rates 


Preliminary experiments showed that the disso- 
lution rate of magnesium in hydrochloric acid is 
constant with time, unless changes in acid concen- 
tration, temperature, and area of the exposed surface 
become significant. Fig. | shows the dissolution rates 
of high purity (beryllium-settled) magnesium in hy- 
drochloric acid of concentrations ranging from 0.001 
to 1.5N at 25°C. The measurements were made at 
rates of agitation ranging from 0 to 6400 rpm, 
corresponding to peripheral speeds of 0 to 22,100 
cm per minute. At the lower acid concentrations the 
dissolution rate appears to be proportional to the 
acid concentration, corresponding to a slope of 1 in 
logarithmic coordinates (Fig. 1). With no agitation 
the increase is more rapid, or rather, the dissolution 
rate decreases more rapidly with decreasing acid 
concentration. Coates (9) attributed this to the for- 
mation of films, as indicated by the dull and slightly 
pitted appearance of the specimens that had been 
exposed to the most dilute acids. 

At the higher acid concentrations the slopes be- 


6 From three representative groups of data the standard 
deviation from the mean was found to be +2. 
with a maximum deviation of +4 per cent. 
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come greater. The concentration at which the breaks 
in the curves occur increases with increasing acid 
concentrations, whereas the breaks become less sharp 
as the rate of agitation increases. As a result the 
curves converge: 1.e., the effect of agitation on the 
dissolution rate decreases with increasing acid con- 
centration. Thus, in 1.4 acid a stirring rate of 2880 
rpm has practically no effect on the dissolution rate. 
The effect of agitation on the dissolution rate is 
given in Fig. 2 for rates of agitation up to 8030 rpm, 
corresponding to a peripheral speed of 27,800 em 
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Fic. 1. Dissolution rates of magnesium in hydrochloric 
acid at 25°C. The cylindrical specimens (11 mm in diam- 
eter) were rotated at the indicated speeds. 


min. The rate constants, as defined by equation 
(II), apply to the lower range of acid concentrations 
where the dissolution rate is proportional to the acid 
concentration. The slope of 0.71 for the straight 
line in Fig. 2 shows that the rate constant increases 
with the rate of agitation to a power of 0.71 for 
speeds of rotation above about 1000 rpm. 

Cell magnesium, as well as distilled magnesium, 
has dissolution rates similar to those of the beryllium- 
settled metal. The dissolution rates of the J-1 alloy 
correspond to those of pure magnesium at the highest 
acid concentrations (Fig. 3). At acid concentrations 
around 0.3N a curious bump appears in the rate 
curve. Specimens that have been immersed in acids 
within this concentration range exhibit a considerable 


JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


July 1951 


roughening of the surface. Microscopic examination 
revealed that channels had been etched in the surface 
along stringers of manganese inclusions. At lower 
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HYDROCHLORIC ACID CONCENTRATION , MOLS/LITER 
Fic. 3. Dissolution rates of the J-1 alloy in HCI, and 


dissolution rates of magnesium in HCl + 0.5N AICI, at 
1364 rpm and 25°C. 


acid concentrations this roughness does not appear, 
but a black coating is formed which uniformly covers 
the surface. Fig. 3 also shows the dissolution rates 
of magnesium in solutions of hydrochlorie¢ acid which 
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contain 0.5 moles/1 of aluminum chloride. At the 
lower acid concentrations a white film of aluminum 
hydroxide was formed on the specimens. 

When salts of iron, copper, or manganese are added 
to the weaker acids, dark precipitates are formed on 
the surface of the specimens. At the higher acid 
concentrations no such precipitation was observed. 
X-ray diffraction patterns of the precipitates formed 
in 0.LN acids containing cupric chloride and ferric 
chloride showed that they consisted of metallic 
copper or iron, respectively. 

Electrode Potentials 

Fig. 4 shows the electrode potentials of beryllium- 
settled magnesium in hydrochloric acid at different 
rates of agitation. The potentials are plotted against 
the corresponding rates of dissolution rather than 
against the acid concentration. By this method of 
plotting, the potentials for rates of agitation above 
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Fig. 4. Electrode potentials at various rates of agitation 
(25°C). 


1000 rpm appear to fall on the same line, within the 
limits of reproducibility. At the higher acid concen- 
trations the poteritials rapidly reach steady values 
which do not change appreciably with time. At the 
lower acid concentrations a longer time is needed, 
with the potentials drifting in a cathodic direction 
until steady values are reached. 

With no agitation, and 947 rpm, the potential 
curves show a rather surprising discontinuity. At 
dissolution rates below 0.1 mg/cm*®/min the po- 
tentials drift slowly in a cathodic direction. At some- 
what higher disSolution rates this trend is reversed 


after a few minutes, and the potentials gradually | 


become more anodic until steady values are ap- 
proached. 

At the lower rates of dissolution a temperature 
increase of 10°C shifts the povential about 50 my in 
a cathodic direction. At the higher dissolution rates, 
Where the potentials level off to a constant value, 
the temperature has no appreciable influence on the 
potentials. 
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From Fig. 6 it appears that the addition of alu- 
minum chloride to the acid shifts the potential about 
70 mv in an anodic direction over the whole range 
of dissolution rates. Fig. 6 also shows the effect on 
the potentials of increasing additions of ferric 
chloride. At the lower acid concentrations where 
the precipitate forms, a marked change in the po- 
tential to more cathodic values is observed. At the 
higher acid concentrations where no replating takes 
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Fic. 5. Electrode potentials of different alloys at 1364 
rpm and 25°C, 
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tial at 1364 rpm and 25°C. 


place, the addition of ferric chloride has no effect on 
the electrode potential. 

In Fig. 7 are shown the effects of additions of 
manganous chloride, ferric chloride, and cupric chlo- 
ride in changing the electrode potential of magnesium 
in 0.1N hydrochloric acid at 1364 rpm to more 
cathodic values. The magnitude of the effect in- 
creases markedly in the succession MnCl., FeCl,, 
CuCl,. The amounts of precipitate formed on the 
specimens increase in the same succession. Thus, 
practically no precipitate was formed in acid with 
0.001. MnCl, whereas a corresponding amount of 
CuCl, formed a heavy precipitate which continually 
flaked off. 
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Microscopic examination revealed the presence of 
dark spots on the surface of the specimens of the 
beryllium-settled magnesium which had been dis- 
solving in the weaker acids. These spots, which 
appear to be protrusions on the surface rather than 
pits, decrease in number and size as the acid concen- 
tration increases, until there are few left at the 
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trode potential in 0.1.N HCl at 1364 rpm and 25°C. 
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concentration where the potential levels off to a 
constant value. The solution heat-treated specimens 
exhibited a considerably smaller number of such 
spots. 

At the higher acid concentrations the attack be- 
came nonuniform, apparently because the rate of 
attack depends on the orientation of the grains. This 
effect was very pronounced in the acids containing 
aluminum chloride, as well as on distilled magnesium 
in pure acid. 


Effect of Temperature 


The effect of temperature on the rate constant at 
947 rpm is shown in Fig. 8. The values of log k are 
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mean values of 5 to 7 determinations. From the slope 
of the resulting straight line the activation energy js 
found by means of Arrhenius’ equation to be 4100 
‘al/mole. Correspondingly, the temperature coef- 
ficient per 10°C rise (/s5 /t25) is found to be 1.24, 
During the runs at the higher acid concentrations 
there is an appreciable increase in temperature be- 
‘ause of the large heat of dissolution. Since this 
heat is evolved at the solution-metal interface, the 
temperature of the dissolving specimen is higher than 
that of the solution. In order to measure this tem- 
perature difference, a thermometer was placed inside 


the dissolving specimen through a hole drilled in the 


top. The thermometer bulb was inside the exposed 
With no agitation the temperature 
difference was found to be 1°C in 0.15N acid, 5°C in 
0.52N acid, and 20°C in 1.3.N acid. Agitation reduces 


surface area. 
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Fic. 9. Effect of anodic and cathodic polarization on t 
dissolution rate of magnesium in 0.045N HCl at 1364 rp 
and 25°C, 


the temperature difference, i.e., the larger evolution 
of heat from the higher dissolution rate is more than 
offset. by the more rapid heat transfer. 


Effect of External Polarization 


The effect of an external polarizing current on the 
dissolution rate of magnesium in 0.045N_ hydro- 
chloric acid at 1364 rpm is shown in Fig. 9. When 
the specimen is made anodic the observed dissolution 
to the external 


rate is the sum of the rate due 


current and the rate due to local action. In Fig. 9 | 


the rate due to the anodic current is indicated by a 
broken line. The dissolution rate is seen to approach 
this line as the anodic current density is increased, 


indicating that local action is reduced. Similarly, 
when the specimen is made cathodic the dissolution 
rate, which in this case is equal to the local action, 
is seen to be reduced. In anodic as well as cathodic 
polarization the effect of the external current. on the | 
dissolution rate is linear up to a current density of 
about 0.07 amp cm?. In anodic polarization a dark 
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precipitate appeared on the specimens at this current 
density. This precipitate interfered with the weigh- 
ing, and reproducible values of the dissolution rate 
could not be obtained at current densities above 
0.1 amp/cm*. Specimens that had been subjected to 
a cathodic current density higher than 0.07 amp / em? 
exhibited a dull, slightly pitfed appearance, ap- 
parently resulting from the formation of a surface 
film. 


DIscUSSION 
Dissolution Rates 


General theory.—The classical theory for the dis- 
solution of solids in liquids was developed by Noyes 
and Whitney (14), Nernst (15), and Brunner (16). 
They postulated that in such cases the rate of the 
chemical reaction at the surface of the solid is very 
high compared to the rate of diffusion of reactant 
to the surface through the reaction products as they 
diffuse away. This theory is not as generally appli- 
cable to heterogenous reactions as was supposed by 
the originators. Thus, when metals dissolve in elec- 
trolytic solutions, the dissolution process consists of 
several steps, each of which may be the slow one 
which determines the dissolution rate. 

Nernst (15) postulated that when a solid is in 
contact with a moving liquid, a stationary layer of 
liquid will be present on the surface of the solid, and 
that transport of reactant through this ‘diffusion 

ryer”’ can take place by diffusion only. The reaction 
te dn dt is then given by Fick’s law 


dn _ DA 
di 


«) (III) 
where D is the diffusion coefficient, A the surface 
area, (c—c,) the concentration difference bet ween the 
solution in the bulk and the solution at the surface 
of the solid, and 6 the thickness of the diffusion 
layer. The thickness 6 will depend on the velocity 
of liquid past the surface of the solid, i.e., on the 
rate of agitation. When magnesium dissolves in hy- 
drochlorie acid, c, is very small compared to c. In 
this case combination of equations (II) and (IIT) 
gives 
D 


k= — 


; (IV) 


i.e., the rate constant is inversely proportional to the 
thickness of the diffusion layer. 

Numerous investigators have reported evidence 
in favor of this theory (17). The rate constant has 
been found to vary with the rate of agitation ac- 
cording to a power function 

k = const. U™ 


(V) 


where U is the rate of agitation, and n a constant 
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with values ranging from 0.5 to 1 according to the 
type of apparatus and stirring used. 

Attempts to evaluate the effect of agitation on 
the thickness of the diffusion layer by hydrody- 
namical methods have been made by Eucken (18), 
Levich (17, 19), and Agar (20). They have shown 
that the essential feature of the Nernst theory is 
correct, namely that there exists a steep concen- 
tration gradient across a thin layer of solution con- 
tingent to the surface of the solid. This layer is, 
however, not immobile, as postulated by Nernst; it 
is rather in a laminar state of flow, i.e., the velocity 
component normal to the surface is zero, while the 
tangential component increases from zero with the 
distance from the surface according to a parabolic 
relation. At low velocities, and in the absence of 
conditions that may cause turbulence, the state of 
flow will be laminar throughout the liquid. In the 
‘ase of dissolution reactions under stagnant con- 
ditions, convection currents due to gradients in 
temperature and specific gravity will always be 
present. Thus, Wagner (21, 22) found a correlation 
between the dissolution rate of sodium chloride in 
water and the convection currents set up by the 
concentrated solution near the surface of the salt 
crystals. As the liquid velocity increases, the flow in 
the main stream becomes turbulent, while a layer of 
liquid in contact with the surface remains in an 
essentially laminar condition. 

Due to a certain amount of drag within the turbu- 
lent region of flow, the velocity of liquid past the 
surface of the solid will be less at the outside of the 
boundary layer than it is in the main stream. In the 
vase of a rotating cylinder this means that the 
difference in velocity between the surface of the 
cylinder and the turbulent region of flow is less than 
the peripheral velocity of the cylinder. The magni- 
tude of this difference in velocity (often referred to 
as “swirl’’?) depends on the geometry of the system. 
By introducing baffles it can be reduced practically 
to zero. Although no studies have been made on the 
effect of baffling on the exponent n in equation (V), 
other work on agitation suggests that » increases 
with the degree of baffling until it is unity at fully 
baffled conditions (23). Thus, it seems possible that 
the exponent n is a measure of the degree of “swirl,” 
and that the difference in velocity (U’) between the 
surface of the solid and the solution at the outside 
of the boundary layer is given by the relation 


U’ ~ const. 


(VI) 


where U’ is the rate of agitation. 

The dissolution rate of magnesium in hydrochloric 
acid.—The results of the dissolution rate measure- 
ments are in general agreement with data reported 
in the literature and with the theory of diffusion 
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controlled reactions. Thus, the determined activation 
energy of 4100 cal mole agrees with the value of 
$110 cal mole determined by Coates (9). Alloying 
elements and impurities in the metal, as well as 
additions of metal salts to the solution, seem to 
affect the dissolution rate only insofar as they inter- 
fere with the rate of acid transfer to the metal by 
diffusion and convection. Thus, the bump in Fig. 3 
for the J-1 alloy in about 0.3.N acid is explained by 
the accompanying roughening of the surface of the 
specimen. Increasing surface roughness is known to 
increase the turbulence within the laminar boundary 
layer, with a consequent increase in the rate of acid 
transfer by convection. 


Since aluminum hydroxide is precipitated at a 
pH of about 4.1 (13) it was expected that additions 


of aluminum ions to the acid might lead to the pre- 
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cipitation of aluminum hydroxide within the diffu- 
sion layer. Such a precipitation was found to take 
place only in the more dilute acids (below 0.1LN) 
containing 0.5 mole. liter of aluminum chloride. 

The effect on the dissolution rate of the precipi- 
tates of iron, copper, manganese, and aluminum 
hydroxide which are formed in the more dilute acids 
could not be determined accurately on account of 
their interference with the weight loss determina- 
tions. However, precipitates of deposited metals 
seemed to increase the dissolution rate slightly, prob- 
ably on account of an increase in the surface rough- 
ness. The decrease in the dissolution rate caused by 
the addition of aluminum ions was probably due to 
mechanical shielding of the metal by the aluminum 
hydroxide film. 

The 


breaks in the curves of Fig. | at higher acid coneen- 


The stirring effect of the hydrogen bubbles. 


trations have not been reported in the literature. 
Coates (9) determined the curve for no agitation 
for acid concentrations up to O.5N, and attributed 
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the increase in slope at concentrations approaching 
0.5N to heating effects. Although the local tempera- 
ture increase which becomes appreciable in this con- 


centration range has an effect, it can not alone 
account for the breaks in the dissolution rate- 


concentration curves. Thus, at 947 rpm in 0.5N acid 
the dissolution rate is 80 per cent higher than it 
would be if the break did not occur. If local heating 
alone were the cause, this increase in dissolution 
rate would require a temperature increase of more 
than 25°C but measured the temperature difference 
was only about 3.5°C. 

At higher acid concentrations hydrogen evolution 
becomes vigorous, and it seems probable that the 
breaks are caused by stirring action of the hydrogen 
bubbles. This explanation is consistent with the 
observation that the effect of external agitation be- 
comes less as the dissolution rate (and with it the 
rate of hydrogen evolution) increases. The stirring 
efficiency of the hydrogen bubbles can be evaluated 
from Fig. 10 where the rate constant is plotted 
against the rate of dissolution. At a given tempera- 
ture the rate constant is a measure of the effective 
rate of agitation, while the dissolution rate is a 
measure of the rate of hydrogen evolution. Hence, 
Fig. 10 is in effect a plot of the total stirring efficiency 
against the rate of gas evolution at different levels of 
external agitation. From this figure it appears that 
as the rate of agitation is increased, the stirring 
action of the gas bubbles is suppressed up to quite 
appreciable rates of gas evolution. This explains 
why previous investigators who used dilute acids 
did not find any stirring effect due to the gas bubbles 
(16). 

For dissolution rates above | mg /cm?/min the 
curve for no stirring in Fig. 10 appears to be a 
straight line with a slope of 0.59. Accordingly, the 
rate constant increases with the rate of hydrogen 
evolution (WV) according to a power function 


(VII) 


k = const. V°-™, 


This increase in rate constant with dissolution rate 
is accompanied by an appreciable increase in tem- 
perature at the metal-solution interface. An accurate 
correction for this temperature increase cannot be 
made since the temperature distribution in the solu- 
tion close to the surface of the metal is not known. 
However, an estimate indicates that such correction 
would reduce the exponent in equation (VII) toa 
value approaching 0.5. Accordingly, the stirring 
action of the gas bubbles is approximately pro- 
portional to the square root of the gas evolution. 
This relationship does not hold at low rates of gas 
evolution. The curve for no agitation in Fig. 10 
indicates that, as the dissolution rate increases, the 


stirring action of the gas bubbles becomes increas- 
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ingly important as compared to the stirring due to 
thermal and gravitational convection currents which 
predominate at the lowest dissolution rates. At dis- 
solution rates above | mg/cm*/min (corresponding 
to about 1 ml H./cm?/ min) the stirring action of the 
gas bubbles predominates. 

Coates (9) attributed the inérease in rate constant 
with no external agitation, for 0.04 to 0.2N acid, to 
stirring action of the hydrogen bubbles. His calcu- 
lations showed that the stirring action of the gas 
bubbles increased with the rate of gas evolution to a 
power of 0.3. He correlated this result with hydro- 
dynamical calculations by Eucken (18), according to 
which the thickness of the diffusion layer varies 
inversely as the one-third power of the stirring rate. 
However, Levich (17) has shown that Eucken’s cal- 
culations were in error due to incorrect assumptions. 
Also, the nature of stirring is materially different in 
two cases since the stirring action of the gas bubbles 
will be one of supplying acid to the surface of the 
metal by creating convective currents rather than 
by reducing the thickness of a laminar diffusion 
layer. 

When external stirring is applied, a laminar 
boundary layer is formed. Because of the high rate 
of shear within this layer, it seems probable that 
hydrogen bubbles will be detached from the metal 
surface while their diameter is small compared to 
the thickness of the diffusion layer. Such small 
bubbles may traverse the boundary layer without 
causing any appreciable degree of turbulence, until 
the rate of gas evolution reaches a certain limiting 
value. This limiting value would then be expected to 
depend on the rate of shear in the solution at the 
surface of the metal. An approximate measure of 


this shearing rate j, 8 given by the relation 
dx 


dy 


—— ~ const. — 
dx 6 


(VIIL) 


where v is the velocity of liquid flow at a distance x 
from the surface of the metal. Combination with 
equations (IV), (V), and (VI) gives 


rn 


ai 
— ~ const. - = const. U". 


dx U-" 


Introducing the experimental value 0.71 for the 
exponent n, we obtain 


dv ~ const. U'™, (X) 
dx 


From Fig. 10 it appears that the dissolution rate at 
which the stirring action of the gas bubbles becomes 
significant increases with increasing speed of rotation, 
as indicated by the broken line which has a slope of 
0.5. When the dissolution rates corresponding to the 
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intercepts of this line with the curves in Fig. 10 are 
plotted against the corresponding speeds of rotation 
on logarithmic coordinates, a straight line with a 
slope of 1.4 is obtained. Accordingly, the dissolution 
rate at which the stirring action of the gas bubbles 
becomes significant increases with the speed of ro- 
tation to a power of 1.4. The agreement between this 
exponent and the exponent in equation (X) suggests 
that the efficiency of the external stirring in sup- 


Fic. lla. Magnesium dissolving in 1.5N HCl at 
rpm (25°C). The hydrogen bubbles are large. 


Fic. 11b. Magnesium dissolving in 1.5NV HCl containing 
0.5 mole/l of AICI; (1364 rpm and 25°C). The hydrogen 
bubbles are small, giving diffuse reflection of the light. 


pressing the stirring action of the gas bubbles is 
proportional to the rate of shear in the solution 
contiguous to the surface of the metal. 

The break in the dissolution rate—concentration 
curve at 1364 rpm did not appear when 0.5 mole liter 
of aluminum chloride was added to the acid (Fig. 3). 
In pure acid very large hydrogen bubbles were 
formed at the highest acid concentrations. In acids 
containing aluminum chloride, however, the hydro- 
gen bubbles were very small even at the highest acid 


concentrations (see Fig. lla and 11b). It seems 


=. 
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probable that the bubble growth in acids containing 
aluminum chloride is restricted by an aluminum 
hydroxide gel which is precipitated within the dif- 
fusion layer in the low pH region at the surface of 
the metal. Thus the hydrogen bubbles will, even at 
the highest dissolution rates, be detached from the 
surface before they can coalesce to form bubbles 
sufficiently large to disrupt the laminar flow in the 
diffusion layer. 

At acid concentrations of about 1.5.V, the increase 
in the dissolution rate with the acid concentration 
at no stirring (and to a smaller extent at 1364 rpm) 
becomes less than at the lower acid concentrations 
(Fig. 1). This phenomenon is evidently due to the 
violent evolution of hydrogen (more than 60 ml 
em?/min) which reduces the dissolution rate by pre- 
venting the acid from coming in contact with the 
metal. Agitation reduces this effect by removing the 
gas more rapidly. The heat-treated specimens (of 
beryllium-settled magnesium) dissolve more slowly 
than the as-extruded ones in more concentrated 
acid and the attack is nonuniform, apparently be- 
cause the rate of attack depends on the grain 
orientation. Since the heat-treatment resulted in 
considerable grain growth, the resulting differences 
in surface roughness may have changed the con- 
ditions for formation of the bubbles and thus reduced 
their stirring efficiency. 

The poor reproducibility at 360 rpm is probably 
due to an instability in the dissolution process. At 
such low rates of agitation the laminar flow in the 
boundary layer is unstable, and the ability of the 
hydrogen bubbles to disrupt it may be appreciably 
influenced by minor differences in experimental con- 
ditions between different runs, such as the eccen- 
tricity in mounting the specimens, etc. 


Electrode Potentials 


The electrode potential of beryllium-settled mag- 
nesium in hydrochloric acid becomes more anodic as 
the dissolution rate increases until, at a certain 
point, it levels off to a constant (or slightly de- 
creasing) value (Fig. 4). The anomalous results ob- 
tained at no stirring and at 947 rpm are apparently 
connected with the irregularities in the dissolution 
process at the lower rates of agitation. At the higher 
rates of agitation, however, the potentials fall on 
the same line within the limits of reproducibility. 

The experiments with additions of ferric, cupric, 
and manganous chlorides to the acid show that the 
ions of these metals are plated out on the magnesium 
by cementation at the lower acid concentrations, 


and that the formation of these precipitates is ac- 
companied by a marked shift of the electrode po- 
tentials to more cathodic values (Fig. 6 and 7). 
Microscopic examination shows that a somewhat 
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similar precipitate appears on the specimens of 
beryllium-settled magnesium in pure acids. The 
amount of this precipitate decreases with increasing 
acid concentration until it has practically disap- 
peared at the acid concentration where the electrode 
potential levels off to a constant value. These obser- 
vations indicate that the changes in electrode po- 
tential at the lower acid concentrations are asso- 
ciated with the deposition of heavy metals (iron, 
copper, etc.) on the surface of the magnesium. 

The hydrogen ion concentration at the magnesium 
surface is reduced to a point where a transitory 
formation of magnesium hydroxide may take place 
(9). As a consequence of this observation it seems 
necessary to assume that the magnesium surface is 
partially covered by a film of magnesium hydroxide, 
and that hydrogen evolution takes place at surface 
areas where this film is destroyed by acid diffusing 
in from the outside. The electrode potential (£) will 
be given by the potential of the cathodic areas (1, 
9), which is negative to the potential of the reversible 
hydrogen electrode (Zy) in the solution considered 
by an amount corresponding to the hydrogen over- 
voltage (n) and the concentration polarization (P,): 


E = Ey — 21 — P. — (XI) 


where E..;. is the potential of the 0.1N calomel 
reference electrode. Substituting the Nernst expres- 


sions for Ey and P,, and introducing numerical 
values, we obtain 


From Fig. 4 it is seen that the electrode potential for 
dissolution rates above | mg/cm?/min levels off to 
an approximately constant value of —1.96 v. In- 
serted in equation (XII) this value of FE gives a 
value of about 1 v for the hydrogen overvoltage. 
This may mean that the cathodic areas increase in 
proportion to the corrosion current with the result 
that the cathodic current density, and hence the 
hydrogen overvoltage, stays constant’. This is, how- 
ever, not necessarily the case, since Hickling and 
Salt (24) have shown that the hydrogen overvoltage 
of high overvoltage metals such as mercury, cadmium, 
lead, etc., approaches constant maximum values 
at high current densities. Coates (9) measured the 
hydrogen overvoltage of magnesium in 0.2N sulfuric 
acid for current densities up to 1.5 amp cm®* using 
an electronic interrupter method in order to elimi- 


7A dissolution rate of 1 mg/cm?/min is, according to 
Faraday’s law, equivalent to a current density of 0.132 
amp/em?. It should be noted that current densities calcu 
lated by this conversion represent anodic as well as cathodic 


current densities per cm? of electrode surface. The true 


anodic and cathodic current densities cannot be calculated 
unless the actual sizes of the anodic and cathodic areas 
are known. 
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nate the 7R drop. He found that the overvoltage 
increased from about | v at a current density of 0.1 
amp em® (corresponding to the dissolution rate on 
open circuit) to a constant value of about 1.3 v at 
current densities above | amp These values 
are, however, doubtful on account of the inter- 
ference of the surface films which form at high 
‘athodie current densities. It seems more probable 
that the hydrogen overvoltage of about 1 v which is 
indicated by equation (XII) for dissolution rates 
above | mg/cm* min represents the overvoltage of 
magnesium at the current densities in consideration 
(above 0.15 amp em?*). At high dissolution rates the 
anodic dissolution of magnesium and the cathodic 
evolution of hydrogen is not confined to definite 
surface areas. However, Wagner and Traud (25) 
have shown that the dissolution process, even in such 
cases, is electrochemical in nature. The different 
surface areas are alternately anodic and cathodic, 
and electrochemical principles govern the dissolution 
process as in the cases where the local anodes and 
cathodes are fixed in a stationary pattern of local 
cells. 

At dissolution rates below 1 mg/cm? min the elec- 
trode potential changes to more cathodic values as 
the dissolution rate decreases. This is clearly due to 
heavy metals impurities (iron, copper, ete.) which 
are replated on the surface of the magnesium in 
increasing quantities as the dissolution rate de- 
creases. These metals have hydrogen overvoltages 
considerably lower than that of magnesium (26), 
and become active as cathodes when precipitated on 
the surface of the magnesium. As a result the elec- 
trode potential becomes more noble as the surface 
coverage increases until it approaches a constant 
value which corresponds to the hydrogen overvoltage 
of the precipitate (cf. Fig. 7). 

Fig. 6 shows that, with increasing additions of 
ferric chloride to the weakest acid solutions, the 
initial change in potential to more cathodic values is 
soon reversed, and the potentials become more 
anodic. This is evidently due to a precipitation of 
ferric hydroxide, as indicated by the brown color of 
the precipitates formed in the weakest acids. In the 
more concentrated acids the precipitates were black. 
The effect of precipitated hydroxides on the potential 
is also shown by the effect of 0.5.M aluminum chlo- 
ride in shifting the potentials about 0.07 v in an 
anodic direction over the whole range of acid concen- 
trations (Fig. 6). 

From Fig. 4 is seen that the electrode potential of 
beryllium-settled magnesium for different rates of 
agitation (above 1364 rpm) fall on the same line 
when plotted against the dissolution rate. This indi- 
cates that the amounts of heavy metals plated out 
by cementation decrease as the competing process of 
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hydrogen evolution increases. On the other hand, the 
precipitation increases with the concentration of 
heavy metal ions in the solution. The amounts of 
precipitate formed also depend on the metal which 
is being plated out. Thus, even small additions of 
cupric chloride to 0.1N acid form a heavy precipi- 
tate. With ferric chloride the precipitation is sub- 
stantially less, and with manganous chloride a visible 
precipitate forms only after relatively large additions 
have been made. This behavior is reflected in the 
potential curves in Fig. 7. At the lower dissolution 
rates the electrode potentials are shifted in a ca- 
thodic direction when the temperature increases, 
probably because a temperature increase favors the 
replating of impurities. At the higher dissolution 
rates the electrode potentials are not appreciably 
affected by the temperature. 

The effect of different alloy compositions on the 
electrode potential is shown in Fig. 5. The cathodic 
potentials of the J-1 alloy are evidently due to the 
presence of manganese as a separate phase, which 
may account for the potential shift of about 0.1 v 
in a cathodic direction at the higher dissolution 
rates where no replating takes place. At the lower 
acid concentrations a heavy precipitate is formed, 
which probably to a large extent consists of man- 
ganese inclusions which accumulate on the surface 
as the magnesium matrix dissolves. The somewhat 
higher impurity content of cell magnesium as com- 
pared with beryllium-settled magnesium is seen to 
retard the approach of the electrode potential toward 
a constant value as the dissolution rate increases 
(Fig. 5). The solution heat treatment of the 
beryllium-settled metal appears to change the elec- 
trode potentials to more anodic values at the lower 
dissolution rates (Fig. 5). This heat treatment will 
partially or completely put into solid solution 
metallic impurities which may be present as separate 
phases in the as-extruded metal. Since such particles 
are likely to be preferred sites for the replating of low 
overvoltage impurities, the elimination of second 
phase constituents in the heat treatment may reduce 
the amounts of replated impurities and thus give 
rise to more anodic potentials. Microscopic examina- 
tion showed that the solution heat treatment resulted 
in a substantial reduction in number and size of the 
spots of replated impurities on the surface of the 
metal, in accord with the explanation given above. 

From Fig. 5 is seen that the potentials of the 
distilled magnesium are considerably anodic to those 
of the beryllium-settled alloy. Microscopic examina- 
tion of the distilled magnesium after exposure to 
acids of different concentrations indicated that a 
surface film had formed. This film appeared to be 
somewhat similar in properties to that formed on 
beryllium-settled magnesium in acids containing alu- 
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minum chloride, as shown by the similarities in 
surface appearance, and also by a comparison of the 
effects of the two films on the electrode potential 
(Fig. 5 and 6). The only possible cause of such a film 
formation on the distilled magnesium seems to be the 
0.01 per cent silicon in the metal. The silicon on 
going into solution forms a silica gel which is insoluble 
in acids and thus may accumulate on the surface of 
the magnesium. 

The effect of replated impurities on the electrode 
potential of magnesium in acids has not been re- 
ported previously. It has been suggested, however, 
that the replating of impurities may be of importance 
in connection with the corrosion of magnesium in 
neutral solutions (27, 28). 


External Polarization 


When a dissolving metal is made anodic or ca- 
thodic by an external polarizing current, the disso- 
lution rate due to local action is reduced in many 
cases. The reduction in local action which is observed 
when the specimen is made anodic is called the 
“difference effect’? (29, 30), whereas the reduction in 
dissolution rate which is observed when the specimen 
is made cathodic is called “cathodic protection” 
(31). These effects have been attributed to the in- 
creases in the polarization of the local anodes (32-34) 
and local cathodes (35) by the applied currents. 

When the dissolving specimen is made anodic, the 
local anodes may be polarized to the open circuit 
potential of the local cathodes with the result that 
local action is suppressed and the dissolution rate 
becomes equivalent to the applied current density 
(36, 37). Similarly, when the specimen is made c¢a- 
thodic, the local cathodes may be polarized to the 
open circuit potential of the local anodes with the 
result that no further dissolution can take place 
(35). 

According to this explanation, the effect of external 
polarization in suppressing local action depends en- 
tirely on the polarizing characteristics of the local 
anodes and cathodes. Thus cathodic protection is 
only effective when the local cathodes are readily 
polarized. Streicher (36, 37) has shown that when 
aluminum dissolves in 0.3N sodium hydroxide solu- 
tion, the local anodes are readily polarized, whereas 
the local cathodes are virtually nonpolarizable. Ac- 
cordingly, the difference effect is very pronounced, 
and local action is suppressed at relatively low anodic 
current densities, while, on the other hand, the 
dissolution rate is hardly affected by externally 
applied cathodic currents. 

The above explanation applies to corrosion re- 
actions where the dissolution rate is determined by 
the electrochemical reactions at the surface of the 
metal, i.e., the anodic and cathodic processes and 
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the conduction of current through the solution. 
Under these conditions local action will be reduced 
when either the anodic or the cathodic polarization 
is increased by an external polarizing current. In the 
‘ase of magnesium dissolving in hydrochloric acid, 
however, the dissolution rate is limited by the rate 
of diffusion of hydrogen ions to the surface of the 
metal. For this reason, an external polarizing current 
would be expected to affect. the dissolution rate only 
insofar as it affects the rate of transport of hydrogen 
ions to the surface of the metal by diffusion and 
migration. 

Fig. 9 shows the effect of external polarization on 
the dissolution rate of magnesium in 0.045N hydro- 
chlorie acid at 1364 rpm and 25°C. When the speci- 
men is made anodic, the dissolution rate increases 
linearly with applied current density up to about 
0.07 amp/em*. The broken line indicates what the 
increase in dissolution rate would be if it were 
equivalent to the applied current density. A com- 
parison of the slopes of these two lines shows that 
the increase in dissolution rate when the specimen is 
made anodic is equivalent to about one third of the 
applied current density. Similarly, when the speci- 
men is made cathodic, the dissolution rate appears to 
decrease by an amount which is equivalent to about 
one third of the applied current density up to about 
0.07 amp em’. 

When magnesium dissolves in hydrochloric acid, 
hydrogen ions diffuse from the bulk of the solution 
to the surface of the metal, while an equivalent 
amount of magnesium ions diffuse in the opposite 
direction. Since these ions carry electrie charges, the 
two diffusion currents may be regarded as electric 
currents, which in effect represent the local cathodic 
(Ix) and anodic (/%\4,) currents, respectively. When 
an external current (/,)° is applied, its magnitude 
will be equal to the difference between the anodic and 
‘athodic currents (now denoted by and 
respectively), i.e., 


As explained above, the dissolution rate increases or 
decreases by an amount equivalent to about one third 
of the current density of an applied anodic or c¢a- 
thodic current, respectively. Hence 


— ~ (XIV) 


By combining equation (XIIT) and (XIV) we obtain 

In — In ~ — 41. (XV) 
Equations (XIV) and (XV) are valid when the 
specimen is made anodic as well as cathodic. This is 


* An anodie polarizing current (/,) is taken as positive, 
a cathodie current as negative. 
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taken as a strong indication that the effect of external 
polarization on the dissolution rate of magnesium in 
hydrochloric acid is related to the effect of the 
external current on the movements of the current- 
“arrying ions in the diffusion layer rather than to its 
effect on the polarization of the local anodes and 

When the specimen is anodic, local action is equal 
to the cathodic current (/y). Accordingly, the dif- 
ference effect (A) is given by equation (XV), i.e., 


A= In ~ (XVI) 


Similarly, when the specimen is made cathodic, local 
action is equal to the anodic current (Jy). Hence, 
athodie protection (C.P.) is given by equation 
(XIV) (a cathodic current has minus sign) 


C.P. = Img — Img ~ (XVII) 


The relationships shown by equations (XVI) and 
(XVII) are also brought out by Fig. 12 where the 
difference effect and cathodic protection are plotted 
against the applied anodic and cathodic current 
densities, respectively. The broken line through the 
origin indicates what the reduction in dissolution rate 
would be if it were equivalent to the applied current 
density. A comparison of slopes shows that the 
difference effect and cathodic protection are equiva- 
lent to two thirds and one third, respectively, of the 
applied current density up to about 0.07 amp em’. 

Proportionality between the difference effect and 
the applied current density has been found for zine 
in hydrochlorie acid (30) and for aluminum in sodium 
hydroxide solutions (30, 36, 37). However, since these 
reactions are not under diffusion control, they are 
not directly comparable to the dissolution of mag- 
nesium in hydrochloric acid. Mouquin and Steitz 
(38) studied the effect of external anodic polarization 
on the dissolution rate of zine in hydrochloric acid. 
In this case the reaction was diffusion controlled 
since the acid contained an excess of hydrogen per- 
oxide (cathodic depolarizer). The results of these 
investigators indicate that the difference effect for 
zine in 0.0054.N hydrochloric acid is proportional to 
the applied current density up to a current density 
which is about equivalent to the dissolution rate at 
no external polarization (as in the case of mag- 
nesium ). 

As shown in Fig. 12, the difference effect does not 
reach its limiting value (complete suppression of local 
action) which is indicated by the horizontal broken 
line, but levels off at an applied current density of 
about 0.07 amp em*. At this current density a dark 
precipitate begins to form on the surface of the 
specimen and, at the same time, the attack on the 
magnesium surface becomes very irregular. When a 
sample of this precipitate was added to hydrochloric 


acid, a brief surge of hydrogen evolution was ob- 
served before the precipitate dissolved. Apparently, 
the precipitate consists of magnesium hydroxide with 
embedded particles of magnesium which give the 
precipitate its dark color. The precipitate which 
forms at cathodic current densities higher than 0.07 
amp em? probably consists of magnesium hydroxide. 

Attempts to measure the changes in the electrode 
potential which are caused by the external polarizing 
currents were unsuccessful on account of the large 
TR drop which overshadowed the changes that might 
occur in the electrode potential. 
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Overvoltage at Oxidation-Reduction Electrodes’ 


J. V. Perrocetii A. A. 


The Patent Button Company, Waterbury, Connecticut 


ABSTRACT 


An experimental study has been made of the polarization characteristies of the follow- 
ing oxidation-reduction electrode systems: iron sulfate, iron chloride, potassium ferro- 
evanide-ferrieyanide, and cerium sulfate. Data are presented which strongly indicate 
that the overvoltage includes an activation overvoltage in addition to that due to 
concentration polarization. The data are analyzed from the point of view of rate proces- 
ses and it is shown that the electrode behavior is given by an equation which allows an 
evaluation of the exchange current density and the transfer coefficients. 


INTRODUCTION 


This investigation is concerned with the polariza- 
tion characteristics of some oxidation-reduction elec- 
trode systems and particularly with the objective of 
obtaining some insight into the kinetics of the proc- 
esses involved. It is believed that such information 
will contribute to a better understanding of the 
general subject of overvoltage. 

Comparatively few studies have been made on 
the polarization characteristics of oxidation-reduc- 
tion electrodes, which are generally considered to be 
thermodynamically reversible. Moll (1) reports that 
the iron(III)-iron(I1) electrode reaction proceeds re- 
versibly on gold and platinum, while Yesin, Derende- 
jair, and Ladygin (2) arrive at the same conclusion 
for the system ferricyanide-ferrocyanide on platinum 
and nickel. Carmody and Rohan (3), on the other 
hand, report measurable activation overvoltage for 
this latter system on platinum. 

It has been shown (4) that the electrode reactions 
which take place during electrolysis may be consid- 
ered as rate processes and that the relationship 
between the current density and the overvoltage is 
given by the following equation: 


I e exp RT (1) 
where 

iy = ky cy exp. RT RT (II) 


is designated the exchange current density; J is the 
current density, where a positive value signifies cath- 
odie polarization and a negative value signifies anodic 
polarization; 7. and J, the cathodie and anodic 
limiting diffusion current density, respectively; y 
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the overvoltage?; a and 6 the fraction of the over- 
voltage which acts in the forward and backward 
direction, respectively; k; and ky the rate constants 
for the forward and backward reactions; c? and c: 
the concentration of the reacting ions in the bulk of 
the solution; and V° the equilibrium electrode poten- 
tial on open circuit. RT, n, and F have their usual 


meanings. 
It is convenient to let: 
A= I. exp RT = exp RT 
BynF BynF 
xp — = fa exp — 


and write equation (I) as follows: 


I =i(A — B). (III) 


For electrode systems where the overvoltage is 
predominantly due to concentration polarization, 
the above equation reduces to that obtained from 
thermodynamic considerations, namely: 


(a+p)nF 7, +7 


2.3RT I, 


“WV 


I,” 

For convenience we may employ the letter R to 
represent the ratio 7. — [/I, + I. 

Data have been obtained with the systems 
iron(III)-iron(II), cerium(IV)-cerium(IIT), and fer- 
ricyanide-ferrocyanide, and an attempt has been 
made to evaluate the exchange current density, 7, 
and the transfer coefficients, a and 8, for these 
systems. Although it is generally believed that the 
above systems do not involve any activation over- 
voltage, it has been found that they may exhibit 

2 Overvoltage is defined here to mean the departure of 


the electrode potential from the open circuit value, when 
the electrode is polarized. 
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such overvoltage and that it may be dependent upon 
the state of the electrode surface. 

It may be mentioned that the standard electrode 
potential of the cerium system and the fact that 
cerium(IV) forms complex ions have been deter- 
mined by Kunz (5) and Smith and Getz (6). 


EXPERIMENTAL 
Materials and Apparatus 


All solutions were made up with reagent grade 
chemicals and redistilled water, and the compositions 
determined by chemical analysis. Electrolysis was 
carried out in either an H-type cell or in open 
beakers. Generally, only the experiments which in- 
volved stirring were carried out in an open beaker. 
The H-cell consisted of two separate compartments 
connected by a small bore tubing. One compartment 
held about 300 ml of solution and contained the 
electrode under study, while the other compartment 
held about 100 ml of solution and a large platinum 
electrode which was necessary to make electrical 
connection to the solution. A saturated calomel half 
cell was used as a reference electrode in all of the 
electrode potential measurements. An intermediary 
glass tube drawn to a fine capillary at one end and 
filled with the solution under study was used as a 
salt bridge. The fine capillary end was pressed close 
to the back of the electrode in all cases. 

The electrodes were bright platinum, platinized 
platinum, and graphite. Various forms of each were 
used: small sheet electrodes, small cylinders, small 
spheres, and wire. Generally, the results obtained 
were independent of the type except for the values 
of the limiting diffusion current density. It is obvious 
that this latter quantity may well vary with the 
geometry of the electrode and cell arrangement. The 
majority of the data reported here were obtained on 
small sheet electrodes which were coated on edges 
and back with a highly resistant insulating lacquer. 
The apparent active area was about 1.0 square 
centimeter. A comparison of the results with elec- 
trodes free from lacquer showed that the lacquer 
had no effect. 

The effect of stirring the solution was studied with 
a glass stirrer placed at a convenient distance from 
the electrode. 

All electrode potential measurements were made 
with a Leeds & Northrup student potentiometer 
used in conjunction with their vacuum tube ampli- 
fier. The current was read by precision microamme- 
ters and milliammeters and/or by measuring the 
potential drop across a precision resistor. 

Most of the experiments were run in a thermo- 
statically controlled water-bath at 25.0°C. In the 
case of dilute solutions of cerium sulfate, the air was 
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removed from the solutions by bubbling pure nitro- 
gen through it. 
Procedure 

Several cleaning methods were used for the elee- 
trodes and, in general, the final results were inde- 
pendent of the method used. Two useful procedures 
were as follows: (a) clean in hot alkali, wash in HC] 
and HNOs, and rinse thoroughly with distilled water: 
(b) clean in a mixture of chromic acid and sulfuric 
acid at 40.0°C, wash in HCl and HNOs, and rinse 
thoroughly. In some cases the bright platinum was 
thoroughly flamed before use. 

The electrode was left in the solution until the 
potential was fairly steady, in order to insure that 
the system had come to equilibrium. The electrode 
was then polarized at various current densities wait- 
ing at each one for the potential to become steady; 
this usually required from 2 to 5 minutes. 

Approximate values of the limiting current densi- 
ties are reported below since exact values are not 
significant in this work. Generally, the anodic and 
cathodic limiting current densities differed to some 
extent as is to be expected. 

I vs. (A—B) plots were drawn by substituting ey- 
perimental data in equation (I) and arriving at 
values of a and 8 by approximation. 

{ESULTS 

The ferricyanide-ferrocyanide system.—The_ solu- 
tions were 0.40 formal in K;Fe(CN )s and KyFe(CN); 
and ranged from 2.0 to 5.0 normal in NaOH. In 
still solutions the limiting current density (l.c.d.) 
was abouc 19 milliamp ‘cm? and well-defined log R 
curves were obtained showing a linear relationship 
with a slope of about 0.060 v. The results of many 
polarizations showed that the slope varied from 0.057 
v to 0.065 v. 

Stirring the solution increased the l.e.d. to about 
25 milliamp, em? and the slope of the log curve to 
about 0.08 v. 

A plot of the J vs. (A—B) values obtained in still 
solutions yielded S-shaped curves. The values ob- 
tained in stirred solutions, however, gave fairly good 
straight lines; only the values lying quite close to 
the Le.d. fell away from the curve. 

In order to reduce “edge effects” and thus attempt 
to maintain conditions which allow the linear diffu- 
sion law to hold more closely, several polarizations 
were run in which the active surface of the electrode 
was placed in contact with the end of a glass tube. 
The tube was about 6 em long and had such a diam- 
eter that the electrode surface was entirely encircled 
by the open end of the tube. A platinum wire was 
placed within the tube about 4 em from the surface 
of the working electrode and served as the other 
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necessary electrode. The capillary tip from the calo- 
mel cell was placed in back of the electrode as usual, 
and the whole immersed in the solution. 

The J vs. (A —B) values obtained with this arrange- 
ment, while still yielding an S-shaped curve, did 
indicate closer conformity to equation (III) for a 
diffusion controlled reaction. 

In general, however, in all cases where the reaction 
is predominantly under diffusion control, that is 
when the slopes of the log curve are about 0.065 v 


+0. T T T T T T T 


- 


i l l 1 
LOG R 


Fic. 1. The log curves for potassium ferrocyanide-ferri- 
eyanide with bright platinum. © still solution, A: medium 
stirring, @ rapid stirring. 
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Fig. 2. The 7 vs. (A-B) curves for potassium ferrocy- 
anide-ferrieyanide on bright platinum. O still solution with 
glass tube arrangement, A medium stirring, @ rapid 
stirring. 


or less, a plot of J vs. (A—B) yielded an S-shaped 
curve. 

The curves shown in Fig. 1 and 2 are typical of 
the results obtained. The results indicate that 7 on 
bright platinum is about 25 milliamp/cm? and 
a= 8 = ().5 for this system. 

The iron chloride system.—The solution was 0.10 
formal in FeCl; and FeCl, and 6.0 normal in HCI. 
The l.c.d. in the still solution was about 2.0 milli- 
amp/cm?. Generally, the same kind of results were 
obtained as in the previous system. The reaction is 
for the most part under diffusion control in the still 
solutions, while raising the l.c.d. to about 30 milli- 
amp/cm? by stirring introduces activation control. 
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The exchange current on bright platinum is about 
50 milliamp/em? and a = 8 = 0.5 for this system. 

The iron sulfate system.—The solution was 0.17 
formal in Fe.(SO,)3, 0.25 formal in FeSO,, and 5.0 
normal in H.SO,. The results of numerous experi- 
ments in still solutions on bright platinum electrodes 
showed that, although a linear relationship is always 
obtained between y and log R, the slope of the 
curve may vary from 0.059 v to as much as 0.15 v. 
The results did not appear to depend upon any 
particular electrode preparation, but there was some 
indication that fresh electrodes yielded higher slopes. 
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Fic. 3. The J vs. (A-B) curves for iron sulfate. O in still 
solution with bright platinum behaving irreversibly, @ 
stirred solution with bright platinum behaving reversibly. 


TABLE I. Data obtained for the iron sulfate system with 
bright platinum electrodes 


1 2.7 4.9 0.065 25 0.5 none 
2 2.7 5.7 0.075 9 0.5 none 
3 3.6 6.4 0.071 9 0.5 none 
4 17.0 28.0 0.094 16 0.5 | medium 
5 15.5 31.0 0.11 22 0.6 | medium 
6 3.2 4.7 0.10 2.4 0.5 none 
7 3.0 5.6 0.14 1.2 0.5 none 
8 2.8 5.5 0.15 a 0.55 none 


In all cases where high slopes were obtained the 
values of J vs. (A—B) yielded a linear relation. 

When an electrode behaved in a reversible manner, 
stirring the solution, which increased the l.c.d., 
always caused the reaction to become more irrever- 
sible. Some typical results are shown by the curves 
in Fig. 3, and the values of Table I. 

The cerium sulfate system.—The results, obtained 
with bright platinum electrodes in unstirred dilute 
solutions, indicate that the overvoltage is due chiefly 
to concentration polarization. These solutions were 
0.01 formal in H,Ce(SO,);, 0.005 formal in Ce.(SO4)s, 
and 0.5 to 5.0 normal in H.SO,. The L.c.d.-in these 
dilute solutions was about 0.1 milliamp/cem*. The 
values of the slopes for the log curve ranged from 
0.03 v to 0.07 v. Values lower than 0.05 v were only 
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obtained in a few cases and may be due to an un- 
certainty in the anodic L.¢.d. which in turn may be 
due to the deposition of the OH™ ion. 

In more concentrated solutions (0.1 to 0.5 formal 
in cerium salts and 5 normal in H.SO,) where the 
l.e.d. is greater than 0.25 milliamp/cm* the slopes of 
the log curve varied from 0.10 v to 0.25 v, with the 
majority in the range 0.10 v to 0.19 v. A representa- 


+210) paos* 
< 
40.00) HOO! 
= 
> ~ 


LOG R 

Fic. 4. The log curve for concentrated solutions of 
cerium sulfate. © still solution with platinized platinum, 
A stirred solution with platinized platinum, @ still solu- 
tion with bright platinum. 


TABLE IL. Results obtained with concentrated solutions of 


cerium sulfate 


Slope 

Electrede a Comments 
volts 

Bright Pt 0.14 0.35) 0.50 

0.12 0.72 0.40 

0.13 O.81 0.50 

0.12) 0.54 0.50 

0.19 0.35 | 0.50 

0.24 0.26) 0.35 

0.08 1.5 0.50 

0.18 0.4 0.40 Before activation 


0.10 1.4 0.40 
0.21 0.24 0.35 
0.13) 0.50 


After activation 
Before activation 
After activation 


Platinized Pt 0.060 — 
0.058 — 
0.063 — — 
0.0545 — 
0.10 18 0.50 Rapid stirring 


tive curve is shown in Fig. 4. In general, the values 
of J vs. (A—B) yielded fairly straight lines; some 
values of 7) and @ are shown in Table II. Although, 
in all cases a + 8 = 1.0, a did vary from the usual 
value of 0.5; as analysis of equation (II1) shows (4), 
when a # 8 the log curve yielded a different slope 
for the anodic and cathodic portions. 

Several experiments were performed whereby the 
bright platinum electrode was “activated” by ca- 
thodie and /or anodic polarization at a current density 
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of 200 milliamp/cm? or higher for 20 minutes (7), 
While no definite conclusions can be drawn from 
these experiments since they were not reproducible, 
there does seem to be a tendency for “cathodic 
activation” to decrease the activation overvoltage, 
On the other hand “anodic activation” tends to in- 
crease the activation overvoltage. Some results are 
shown in Table II. 

The results for the concentrated solutions with 
platinized platinum electrodes and graphite elec- 
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Fic. 5. The J vs. (A-B) curves for concentrated solutions 
of cerium sulfate. O still solution with bright platinum, 
@ stirred solution with platinized platinum. 
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Fic. 6. A comparison of the calculated activation over- 
voltage with the experimentally obtained activation over- 
voltage Yac for the iron chloride. @ calculated, O exp>ri- 
mental. 


trodes indicate that for these electrodes the over- 
voltage is due predominantly to concentration polar- 
ization in still solutions. The slope of the log curves 
is about 0.060 v. When the solutions were stirred, 
thereby increasing the l.c.d. from about 3.0 milli- 
amp/em? to about 30 milliamp/em?*, the slope was 
increased to about 0.10 v. In the latter case the 
values of J vs. (A—B) gave a linear relationship. For 
platinized platinum electrodes 7) = 18 milliamp /cm* 
and a = 8 = 0.5; while on bright platinum i) = 0.2 
to 1.5 milliamp/em? and a@ = 0.25 to 0.50 with the 
majority of the values very close to 0.5. Typical 
data are shown in Fig. 4 and 5 and Table IT. 
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In order to determine whether any appreciable 
ohmic voltage drop due to the solution resistance 
was being included in the potential measurements, 
several experiments were run in the above solutions 
with the capillary tip displaced 1 to 3 mm away 
from the back of the electrode. In general, displace- 
ments up to | or 2 mm did not affect the results. 

In addition, in many cases, the activation over- 
voltage was calculated as previously shown (4) by 
the use of equation (I) and the results compared 
with the experimentally determined activation over- 
voltage. A good correspondence was found in the 
majority of the cases. A typical result is shown in 
Fig. 6. 

Discussion 

The data show that good linear plots were not 
obtained for J vs. (A—B) when the overvoltage is 
predominantly due to concentration polarization. 
Although the values were scattered they tended to 
form an S-shaped curve. In these cases i) > /, and 
we are concerned with relatively small differences 
between two large terms which generally introduce 
large uncertainties in the results. At the same time, 
since the reaction is under diffusion control, the 
dominant factors in the terms are f, and f,; and the 
experimental conditions with still electrodes are such 
that Fick’s linear diffusion law is only approximately 
obeyed. It is significant that stirring the solution, 
which decreases the ratio 7//q and perhaps intro- 
duces more uniform and reproducible convection, 
straightens out a curve so that it approximates very 
closely a linear relationship. In general, therefore, 
the data strongly indicate that equation (1) is valid 
for the oxidation-reduction electrode systems studied 
in this work. 

The tendency for S-shaped curves is also notice- 
able in the log R plots, but toa much lesser extent. 
The experiments with the glass tube arrangement 
show that as the experimental conditions become 
more favorable for the assumed linear diffusion law, 
the values of J vs. (A — B) approach a linear relation- 
ship, as shown by the curve in Fig. 2. It should be 
noted that the glass tube probably decreased “edge 
effects” but did not eliminate the interferences due 
to convection. It is believed that these factors are 
sufficient to explain the S-shaped curves. 

The results support the behavior which equation 
(I) predicts (4), and the importance of the ratio 
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io/ Ia becomes apparent. We thus see that in dilute 
solutions of cerium sulfate with bright platinum, 
and in concentrated solutions with platinized plat- 
inum where i) 2 Jy, the reaction is predominantly 
under diffusion control. On the other hand, in the 
concentrated solutions with bright platinum where 
to < Iq the reaction is predominantly under activa- 
tion control. 

It is interesting to note that for all the systems 
a+ and that in the majority of cases 
a 0.5, a value usually found for the hydrogen 
electrode. These values of a and 8 indicate that the 
energy barrier is symmetrical. 

The fact that a = 8 = 0.5 is not compatible with 
the kind of potential energy barrier postulated in 
Butler’s theory for the electron transitions (8). 

Although the values of the exchange current densi- 
ties, to, obtained in this work are perhaps at best 
qualitative or semi-quantitative, they should be use- 
ful in the evaluation of the various theories of over- 
voltage which exist. In this connection it is interest- 
ing to note that 7» for the hydrogen system on 
bright platinum is in the vicinity of 10-* milliamp/ 
cm? (8). 

Since the completion of this work our attention 
has been called to the recent investigations of Geris- 
cher (9) who has determined the exchange current 
density and the transfer coefficients for the iron 
system on platinum. Considering the probable ex- 
perimental error in this kind of work our values 
correspond fairly well with those of Gerischer, with 
respect to order of magnitude. 


Any discussion of this paper will appear in a Discussion 
Section, to@be published in the June 1952 issue of the 
JOURNAL. 
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ABSTRACT 


The heat of reduction of permanganate ion to manganous ion has been measured 
calorimetrically, and this datum combined with other known heat and entropy values 
to calculate the standard potential relating these states. Literature values for other 
manganese potentials are discussed and potential diagrams presented for acid and basic 


solutions. 


Recent work by Walkley (10, 11, 12) on the Mn- 
Mn** and Mn*+t-MnO, couples has done much to 
clarify the thermodynamics of the various oxidation 
states of manganese, and it now appears definite 
that cell measurements the Mn*+-MnO, and 
MnO.-MnO,- couples are reliable and reproducible 
when the manganese dioxide is in the form of pyro- 
lusite, prepared by heating manganous nitrate. In 
order to confirm this and to bring the thermal data 
into line with the measured potentials, we have rede- 
termined the heat of reaction: 


on 


+ 5/2H, + 3H* = Mn** + 4H.0. (1) 


This heat and the entropy values have been em- 
ployed to calculate the potential. As a summary the 
potential diagrams relating all of the oxidation states 
of manganese in uncomplexed solutions are given. 


APPARATUS AND MATERIALS 


The calorimeter used in these measurements has 
been described previously (2, 6). 

The reagents used were Bureau of Standards sam- 
ple 40e sodium oxalate, Mallinckrodt analytical re- 
agent grade potassium permanganate, and G. F. 
Smith ferrous perchlorate and perchloric acid. 

A stock solution approximately 3 molal (m) in 
Fe(ClO,). and 0.5m in perchloric acid was prepared 
and standardized against a solution of KMnQ,, which 
was in turn standardized against the primary stand- 
ard Na.C.O,. 

All heats were measured at 25.0° + 0.2°C and are 
expressed in terms of the defined calorie (7). 

In order to use the heat given by Fontana (2) for 
the ferrous-ferrie couple in 0.5m perchloric acid, all 
heat determinations were carried out in 0.5m _ per- 
chlorie acid, with reagent concentrations approxi- 
mating those of Fontana. 


' Manuscript received January 22, 1951. 
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Heat or OF THE FeRROUS PERCHLORATE 
STOCK SOLUTION 

Weighed portions of the ferrous perchlorate stock 
solution were sealed in glass buibs and broken into 
0.500m perchloric acid in the calorimeter. Argon was 
bubbled through the perchloric acid before final 
assembly of the calorimeter in order to prevent air 
oxidation of ferrous ion. A titration of the diluted 
ferrous perchlorate solution in the calorimeter at 
the conclusion of the measurement showed no oxi- 
dation within the analytical accuracy. 

The results of the calorimetric runs are shown in 
Table I. Using the molality of the ferrous perchlorate 
stock solution, 2.834m, it may be calculated that the 
heat of dilution is 1.88 keal/mole, that is for the 
change 
Fet*(2.834m in 0.5m HCIO;) 


= Fet*(0.016m in 0.5m AH 
= —1.88 keal/mole. 


(IT) 


Fontana (2) found that, for dilution from 1.937m 
to 0.025m Fe(ClO,)., AH = —1.14 keal/mole. 

The heat of dilution from 0.025 to 0.016 should 
be small and virtually all the difference in these two 
heats is undoubtedly due to the differing initial 
ferrous perchlorate concentrations, 


Heat or Reactrion OF PERMANGANATE ION WITH 
Ferrous Ion 


A sample of potassium permanganate was weighed, 
delivered to the calorimeter, and dissolved in water 
there. A weighed portion of 72 per cent perchloric 
acid was then slowly added with stirring to make 
the solution 0.500m in perchloric acid. A weighed 
sample of the ferrous perchlorate stock solution was 
then introduced into a glass sample bulb and broken 
at an appropriate time in the calorimetric run. 

It should be mentioned that the potassium per- 


manganate which analysis showed to be 100.0 + 0.1 | 
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TABLE I. Heat of dilution of ferrous perchlorate stock 


Run Weight of stock Heat evolved Heat evolved 
cal cal/g 
1 9.3180 27.38 2.94 
2 9.8536 30.31 3.08 
3 1.7678 35.16 2.99 


\verage—3.00 + 0.05 calories per gram of Fe(ClO,4)s stock 
solution 


TABLE IIL. Heat of reaction of permanganate ion with 
ferrous ton 


Weight of 


Moles of Fe(ClO;)2 Observed Correction Fina! SH 
Run KMnO, stock so- heat to heat heat kcal/mole 
lution 
g cal cal cal 
4 0.0031734. 15.836 520.06 —47.52 472.54 —148.90 
5 0.0032582 15.577 532.54 —46.75 485.79, —149.10 
0.0033304 15.825 544.29 —47.49 496.80 —149. 17 


per cent pure was kept in an opaque vacuum dessica- 
tor over concentrated sulfuric acid throughout the 


Acid solution 


OXIDATION OF MANGANOUS ION 
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According to the Bureau of Standards tables (7) 
the heat of dilution of HCIO,-100H.O, that is, ap- 
proximately 0.5m HCI1QO,, is less than 100 calories. 
Presumably the heat of dilution of permanganic acid 
in 0.5m HClO, would also be small. It remains for 
us to estimate the heat of dilution of manganous 
perchlorate in 0.5m HCIO,. Unfortunately, there is 
no reliable method of estimating this value; however, 
it seems reasonable that the heat of dilution of 
manganous perchlorate from 0.003m to infinite dilu- 
tion will also be small. We shall therefore take the 
heat of reaction (1) in pure water to be 196.71 + 0.23 
keal. 

THe Mn-MnO,- Porentian 


The free energy of reaction (1) may now be ecal- 
culated from the reaction heat and the entropies of 
the substances involved. For the entropies of MnO,-, 
H.O, and H, we shall use the Bureau of Standards (7) 
values: 45.4, 16.75, and 31.22 cal/deg. For the en- 
tropy of Mn**, the Bureau of Standards (7) gave 
—20. Walkley (12) gave — 17.9, and Kuapustinsky (5) 


~ 1.229 ~1.695 
(—2.5) 
| — 2.26 
~151 
Basic solution 
| 0.05 ~0.588 
(-0.1 (03: 564 
Mn Mn(OH), Macon, 22> mno, mno,- mno, 
~0.60- 
Fig. 1 


course of the measurements. The ferrous perchlorate 
stock solution was kept under argon and showed 
less than 0.1 per cent oxidation throughout the meas- 
urements. 

The data obtained from the runs in which per- 
manganate was reduced are given in Table IT. 

For the reaction 


5Fet*+ + + MnO,;- (IIT) 
= 5Fet++ + Mnt+ + 4H.O 
in 0.5m HCIO,, we have obtained AH = —149.06 + 
0.12 keal. 
Fontana (2) gave for the reaction 
Fet+ + H+ = Fet++ + 1/2H.(g) (IV) 


in 0.5m HCIO,, AH = +9.53 + 0.04 keal. 
Hence for the reaction 


5/2H.(g) + 3H*+ + MnO, = Mn++ + 4H.O (I) 
in 0.5m HCIO,, AH = —196.71 keal (40.23 keal). 


—19.1. We shall use —19 + 1.5 cal/deg. The ion 
entropies are referred to Sy+ = 0. 


AS® Srant+ + 4Sn.0 5 2Si, 

Sino; 

—19 + 67.00 — 78.05 — 0 — 45.4 
= —75.45. 

Then AF® = AH® — TAS® 
= —196,710 — 298.16x(—75.45) 

196,710 + 22,500 

= —174,210 cal. 


This gives for the potential of the Mn*+-MnO,- 


couple in acid solution E° = —1.51 volts. 


We may now compare this value from thermal 
data with the measured potentials. Hutchinson (4) 
obtained the value 1.23 for the manganous-man- 
ganese dioxide (pyrolusite) couple in acid solution. 
Wadsley and Walkley (10) are in close agreement 
by cell measurements. These authors also discuss 
the value from thermal data, based upon the heat 
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of formation of pyrolusite by Shomate (9), and 
write: 
Mn** + 2H.0 = MnO. (pyrolusite) 
+ 4H++2e = —1.229. 

Andrews and Brown (1) found from direct cell meas- 
urements: 
Mn0.(pyrolusite) + 4OH 

= MnO, + 2H.0 + 3¢ E® = —0.588. 


The corresponding value for acid solution is: 
(pyrolusite) + 2H.O 
= MnO, + 4H*+ + 3e— =E® = —1.695. 


Combining the two couples for the acid solutions, 
we find: 


Mn** + 4H.O0 = MnO, + + 5e 
Ee = 2x2 —1.229 + 32 —1.695 = —1.509. 


The potential from cell measurements is thus in 
agreement with our value from thermal data. 


MANGANESE PoTENTIAL DIAGRAM 


As a summary of the various manganese poten- 
tials, diagrams are given in Fig. 1. 

The Mn-Mn** potential is in approximate agree- 
ment with the work of Walkley (11). The Mn*+-Mn*+*+ 
and Mn***-MnO, are rough values (given in paren- 
theses) from the measurements of Grube and Hub- 
erich (3). The values for the MnQO.-MnO, and 


~-MnO,~ couples were obtained by recalcula- 
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tions of the equilibrium measurements of Schlesinger 
and Siems (8). 

Values involving MnO; are taken in agreement 
with the assumption that the disproportionation 
into MnO, and MnO, ~ has a potential of about 0.5 
volt. The couples in alkaline solution are calculated 
from the change of potential with H* and values for 
the solubility products of Mn(OH), and Mn(OH),. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1952 issue of the 


JOURNAL. 
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Silver 


as an Activator of Halophosphate Phosphors' 


P. W. Ransy 


Thorn Electrical Industries Limited, London, England 


ABSTRACT 


It has been found that the alkaline earth halophosphates can be activated by silver; 
manganese can be incorporated as an additional activator. These phosphors show a num- 
ber of differences from previously known halophosphate phosphors activated, for ex- 
ample, by antimony. The properties of the silver-activated phosphors are described and 
compared with those of other halophosphate phosphors. An explanation, based on the 
position of silver in the halophosphate lattice, is suggested to account for the differences 
between silver- and antimony-activated halophosphate phosphors. 


INTRODUCTION 


Calcium halophosphate of the apatite formula 
Ca;(PO,);X* containing antimony and manganese 
as activators is a well-known phosphor. Similar com- 
pounds in which the calcium is replaced by strontium 
or barium, or in which the primary activator, an- 
timony, is replaced by arsenic, bismuth, tin, or lead 
are also efficient phosphors (1). 

Recently, silver has been found to function as a 
primary activator of halophosphate materials (2) 
and these phosphors show several interesting differ- 
ences from halophosphates containing previously 
known activators. 

PREPARATION OF SILVER-ACTIVATED 
HALOPHOSPHATES 

Calcium fluophosphate activated by silver and 
manganese may be prepared by heating together 
mixtures of calcium monohydrogen phosphate, cal- 
cium carbonate, calcium fluoride, and silver and 
manganese phosphates. The mixture is heated to 
about 1150°C in a closed silica crucible. Brightly 
fluorescent products are obtained when the propor- 
tion of calcium fluoride in the initial mixture is in 
considerable excess of that required by the general 
apatite formula. Such a stoichiometric excess of cal- 
cium fluoride is not required in order to prepare 
efficient phosphors provided the components used in 
the initial mixture are all carefully dried before mix- 
ing and calcium pyrophosphate is used in place of 
calcium hydrogen phosphate. 

Examination of the products by x-ray analysis 
shows that the phosphors have an apatite-type of 
lattice structure. 


HALopHOSPHATE Matrices ACTIVATED BY SILVER 
AND MANGANESE 

Silver activation is not restricted to calcium fluo- 

phosphate; other bivalent metals such as strontium 

‘Manuscript received January 31, 1951. This paper pre- 


pared for delivery before the Washington Meeting, April 8 
to 12, 1951 


* X inthe formula stands for the halogens F, Cl, and Br. 
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and barium may be used to replace calcium. How- 
ever, activation by silver is confined to fluo- and 
fluo-chloro-phosphate matrices in which more than 
half the halogen is fluorine: a chlorophosphate matrix 
containing only silver is not luminescent. This is in 
contrast to other previously described halophos- 
phates where the primary activator, for example, 
antimony, is effective when the halogen of the matrix 
is either fluorine or chlorine, and replacement of 
fluorine by equivalent proportions of chlorine pro- 
duces a shift in the fluorescent emission to longer 
wavelengths. 

Silver-activated halophosphates are only brightly 
luminescent when prepared under conditions which 
reduce the possibility of hydroxyapatite formation 
to a minimum. It is therefore necessary to take pre- 
cautions during the phosphor preparation to avoid 
conditions favorable to the formation of hydroxy- 
apatite. It is for this reason that a large excess of 
‘alcium fluoride is essential if the component mate- 
rials of the phosphor mixture are not dehydrated 
before use. 

The concentration of silver which is necessary in 
order to produce the brightest fluorescence is of the 
order of 0.4 per cent by weight of the matrix. The 
concentration of secondary activator, manganese, 
which can be incorporated in the matrix is of the 
order of a few per cent by weight. 


FLUORESCENT EMISSION 

Silver-activated halophosphates are excited by 
short wavelength ultraviolet, for example by 2537 A. 
Calcium fluophosphate, activated by silver alone, 
emits a deep blue fluorescence whose spectrum is a 
continuous band extending into the near ultraviolet. 
This emission band, as estimated from photographs 
of the spectrum, extends from 3200 to 4800 A and 
the maximum intensity is at about 3800 A. The 
width of this emission band is comparable to that 
due to silver in silver-activated zine sulfides excited 
by cathode rays (3). Incorporation of manganese as 
a secondary activator causes the emission of a new 
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band in the yellow-orange region of the spectrum. 
This manganese emission band becomes increasingly 
strong and the blue band due to silver becomes pro- 
gressively weaker as the concentration of manganese 
in the phosphor is increased. The manganese emis- 
sion band is brightest when the concentration of 


manganese in the phosphor is about 1.5 per cent by 
weight of the matrix. The peak of the manganese 
emission spectrum is at 5700 A. The latter coincides 


with the peak of the main emission band due to 
manganese in calcium fluophosphate containing an- 
timony as the primary activator (4). Replacement 
of fluorine by chlorine does not produce any apparent 
changes in the color of the fluorescence. The stron- 
tium and barium fluophosphates activated by silver 
and manganese show similar fluorescence emissions 
when excited by short wavelength ultraviolet light. 
PosITION OF SILVER AS AN ACTIVATOR 

The behavior of silver as an activator of halophos- 
phates contrasts with that of other previously de- 
scribed primary activators. For example, the opti- 
mum proportion of silver is appreciably less than 
that of antimony required in order to prepare bright 
phosphors. Another important difference between 
these primary activators is shown in their behavior 
when fluorine of the matrix is replaced by chlorine. 
Similarly, the fluorescence of the silver-activated 
phosphors seems to depend on the complete absence 
of oxy- or hydroxyapatite, whereas the other pri- 
mary activators are not so sensitive. 

It is only in the case of the antimony-activated 
phosphors that the position occupied by the activator 
in the halophosphate lattice has received much atten- 
tion. It seems likely that a small amount of antimony 
can replace both calcium and phosphorus atoms of 
the lattice (1). The replaced calcium ions may be 
those surrounded by six oxygen ions and not those 
directly linked to halide ions (4). 

The electrochemical character of silver excludes 
the possibility of it replacing phosphorus atoms. 
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Replacement of calcium ions in the apatite lattice 
‘an be achieved by larger divalent ions such as 
strontium or barium. The radius of the univalent 
silver ion is slightly greater than that of the calcium 
ion and, therefore, some replacement of Ca** ions 
by Ag* ions might be possible if a suitable rearrange- 
ment of other ions in the lattice takes place to give 
electrical neutrality. The positions taken up by the 
Ag? ions are much more sensitive to changes involy- 
ing replacement of halogens than are those positions 
normally occupied by antimony. This indicates that 
the silver occupies positions normally filled by cal- 
cium ions directly linked to halide ions. This would 
explain the difference in the behavior of silver from 
that of antimony as a primary activator of halo- 
phosphates. However, any such explanation must 
be largely hypothetical until more sensitive methods, 
than are at present available, have been developed 
for the structural analysis of solids containing low 
concentrations of foreign elements. 
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Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1952 issue of the 
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